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ABSTRACT 
 This study examines the oxidation of organic carbon that occurs concurrently with 
the autoxidation of Fe(II) to determine the role that geochemical constituents have on 
both the autoxidation of Fe(II) and subsequent ROS production. The reaction between 
reduced carbon and oxygen is thermodynamically favorable, but kinetically proceeds 
slowly. Fe(II) facilitates the equilibration of reduced carbon and oxygen. This 
equilibration occurs naturally in saline estuaries, where oxygen rich seawater mixes with 
anoxic groundwater. We characterized a saline estuary at the Baruch Institute and used 
those characterizations to recreate natural water conditions in the lab. Using simulated 
natural water we then examined the role geochemical constituents like NOM and bromide 
have in the formation of reactive oxygen species subsequent to autoxidation of Fe(II).  
Superoxide forms when Fe(II) is oxidized by oxygen. Hydrogen peroxide forms when 
superoxide reduced by Fe(II)  and when superoxide dismutates. The yield of H2O2 and 
the rate in which it is formed are both affected by geochemical constituents like bromide 
and natural organic matter. H2O2 goes on to form an additional oxidant species whose 
identity is in dispute. Hydroxyl radical and the ferryl ion have been proposed as the 
species formed. Upon examination of the yield of oxidation products in differing ionic 
strength solutions we determined that the hydroxyl radical is likely responsible for the 
oxidation observed. Finally, we examined the role that Br- and NOM play in the 
formation of the hydroxyl radical. We found the highest concentrations of hydroxyl 
radical in acidic solutions when bromide is present. Though the environmental conditions 
vi 
examined cover a range of conditions on earth, that range is by no means exhaustive. 
Nonetheless, the experimental approach employed in this study offers essential insight 
into how the natural environment moderates the equilibration between oxygen and 
reduced carbon.   
vii 
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CHAPTER 1 
THERMODYNAMICS AND KINETICS OF CARBON-OXYGEN INTERACTIONS IN NATURAL WATERS  
1.1 ABSTRACT 
Saline estuaries enable rapid equilibration between earth’s reservoirs of oxygen and 
reduced carbon The family of reactions that govern the rapid equilibration between 
earth’s pools of oxygen and reduced carbon as mediated by Fe(II) are the same regardless 
of where the reactions take place. We investigated a well-studied transect of coastal 
groundwater at the Baruch Institute. Our field work focused on characterizing the 
chemical conditions of the net Fe oxidation, monitoring pH, dissolved oxygen, DO, Fe(II) 
and salinity in order to develop a laboratory based model. Samples were obtained from a 
series of piezometers that extend from a coastal forest out into an estuarine marsh to cross 
Crabhaul Creek. At the Baruch the pH values ranged from 4.84-7.63, the dissolved 
oxygen ranged from 6.13x101 µM to 2.43x102 µM, the H2O2 concentration ranged from 
0.51 µM to 1.99 µM, the initial Fe(II) concentration ranged from 4.41 µM to 3.05x102 
µM, and the salinity ranged from 0.30 ppt to 1.69 x101 ppt. This characterization will 
allow us to simulate the natural water conditions of the Baruch in a laboratory setting.  
1.2 INTRODUCTION 
If thermodynamics alone governed the reactivity of oxygen on earth, the 
biosphere would rapidly be converted to carbon dioxide and aerobic life as we know it 
would not be possible1. 
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Earth’s biosphere preserves a reservoir of oxygen and reduced carbon species that 
are thermodynamically unstable with respect to each other but kinetically react very 
slowly. Several transient environmental compartments provide sites for rapid 
equilibration between these pools, including the inside of lightning, flames or during 
cellular metabolic processes. Another such compartment, characterized by tidally forced 
mechanical injection of reduced transition metals to an oxic environment, is a saline 
estuary.  These are partially enclosed bodies of water at the coastal margin formed by the 
mixing of fresh water and seawater in a geographically constricted compartment.  Diurnal 
fluctuations in the water table drive groundwater efflux into overlying waters. Iron, is 
capable of mediating the equilibration between the pools of O and reduced C. Iron is the 
most abundant metal in earth’s crust. 2 
Fe(II) is rapidly oxidized to Fe(III) by oxygen. This reaction is 
thermodynamically favored and occurs quickly in several different environments. 3-9 This 
work focuses on the way the family of associated reactions interacts with the surrounding 
solution environment.  When considering the chemistry of environmental processes it is 
often necessary to consider reactions limited or affected by mass transport, so discussions 
of the fundamental chemistry of Fe(II) oxidation in the environment often focus on how 
local conditions may affect the course of a manifold of reactions. In the case of Fe(II) the 
manifold begins with the oxidation of Fe(II) by dioxygen to  yield  superoxide (equation 
1.1).  Fe(II) This can be followed by the oxidation of additional Fe(II) by superoxide 
(equation 1.2). The subsequent dismutation of superoxide (equation 1.3-1.5) results in the 
formation of hydrogen peroxide. Hydrogen peroxide can also be formed during the direct 
reduction of superoxide by excess Fe(II), which is expected in suboxic waters.10, 11   
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Fe(II) is also capable of reducing hydrogen peroxide by one electron to generate the 
hydroxyl radical (equation 1.6) or the ferryl ion (equation 1.7) Superoxide (equation 1.1), 
hydroxyl radical (equation 1.6), hydrogen peroxide (equation 1.2-1.5), carbon centered 
radicals (equation 1.8) and organoperoxyl radicals (equation 1.9) are all amongst the ROS 
produced in these environments (Figure 1).12,13 
 +		 ⇌  +		• (1.1) 
 +		•		 ⇌			 +	 				 (1.2) 
	• + 	• 		⇌ 				 + 	 (1.3) 
	• + 	• 		 				⇌		 +  + 	 (1.4) 
	• + 	• 		⇌ 				 + 	 (1.5) 
 +			 ⇌  + • + (1.6) 
 + 		 ⇌ []	 + 	 (1.7) 
• +  → • +		 (1.8) 
• +		 	→ • →  	+ 		 +		• (1.9) 
The exact identity of the oxidant generated in the two reactions is in dispute, and 
resolving this issue is a central task of this thesis. 14-18 This task is important because the 
two species have vastly different activity coefficients (i.e. sensitivity to the presence of 
dissolved salts) and vapor pressures, which means their ultimate environmental impact is 
essentially impossible to estimate.  
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Figure 1.1: Fe cycles between multiple oxidation states during the microbial utilization of 
Fe (III) as electron acceptors 
 
The reaction of hydroxyl radicals and reduced carbon is kinetically facile, 
allowing for the indirect coupling of reduced carbon and atmospheric oxygen. The 
reaction of the ferryl ion and organic carbon typically proceeds via epoxidation or 
hydroxylation leading to the oxidation of organic carbon.1  The implications of this 
difference in mechanism are profound; the ferryl path is stoichiometric but the radical 
path is catalytic with potentially much larger impacts on a per mole initiator basis. Thus 
iron species facilitate rapid interaction between the reservoirs of carbon and oxygen, 
either by acting as a catalyst or as a stoichiometric oxidant.  Catalytic action implies that 
the system may be less robust than currently thought, as in the case of potential catalyst 
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poisoning by anthropogenic materials.  The stoichiometric alternative would by virtue of 
a shorter reaction path be less susceptible to such interference but also potentially have 
much lower impacts.  
The chain aspect of the free radical path derives from the reduction potential of 
superoxide and hydroperoxyl ions.  These two ROS are thermodynamically and 
kinetically capable of the rapid reduction of amorphous Fe (III) complexes to Fe(II), 
thereby acting as propagators to support continued cycling of Fe between redox 
states.19Accordingly iron may cycle several times between the (II) and (III) oxidation 
states during the net oxidation process with continuous concomitant production of 
ROS.13,20,21   
Accurate description of the kinetics of net Fe(II) loss requires an accounting of 
both oxidation of Fe(II) and the concurrent reduction of Fe(III) equation 1.10: 
−[]  ! =#$ 	[][%&'()*] −	#$+ , 	[][-./()*]	 
(1.10) 
 In this equation, kox and kred are general rate terms for the rate constants of the summed 
Fe(II) oxidation and Fe (III) reduction reactions respectively. Ultimately precipitation and 
sequestration of Fe(III) in crystalline, sparingly soluble complexes like Fe2(CO3)3 or 
FePO4 limits radical production.
22, 23  The kinetics of iron precipitation in the presence of 
reducing agents is poorly understood. Amorphous Fe(III) is receptive to abiotic and biotic 
reduction, whereas crystalline Fe(III) is only returned to the system after anaerobic 
reduction 24-31. The microbe that is the most efficient at reducing crystalline Fe is 
Shewanella putrefaciens.32-34 It is crucial to identify the oxidants and reductants produced 
in this system because some of the oxidants and reductants that affect Fe cycling are 
ROS. Once the oxidants are identified, the geochemical conditions linking Fe cycling to 
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the secondary oxidants produced by the system can be interrogated. Ultimately, the 
feedback associated with the process means that any explanation of this process in the 
field will require a nuanced laboratory technique based on the geochemical compartments 
linking iron, carbon, and oxygen. 
Based on previous results35-37 one type of site that experiences rapid co-variation 
of all the statistically significant factors governing Fe oxidation are coastal saline 
estuaries. We chose to investigate a well-studied transect of coastal groundwater at the 
Baruch Institute (Figure 1.2-1.4). This allowed us to interface with previously published 
analyses of groundwater chemistry in this place while ensuring the geochemical 
relevance of any models developed. This location also allowed us to sample groundwater 
that was experiencing tidal mixing in real time. Field work focused on characterizing the 
chemical conditions of the net Fe oxidation, monitoring pH, dissolved oxygen, DO, Fe(II) 
and salinity to better inform the development of laboratory based models. Samples were 
obtained from a series of piezometers that extend from a coastal forest out into an 
estuarine marsh to cross Crabhaul Creek (Figure 1.3).  Piezometers are devices typically 
used for measuring the depth or pressure of groundwater. These piezometers were 
installed by the late Prof. Robert Gardner and this particular marsh transect (formally 
Transect D) has been the subject of numerous studies.7, 38-49  The Baruch samples allow 
us to characterize the saline estuary environment in order to accurately parameterize it in 
the lab and test our hypotheses that (1) abiotic reductants are not kinetically significant 
sources of H2O2 ( 2) the hydroxyl radical is not generated during the autoxidation of 
Fe(II), (3) abiotic reductants do not affect the production of hydroxyl radical from the 
Fenton reaction. 
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Figure 1.2 The Belle W. Baruch Institute is located along the coast in Georgetown South 
Carolina.  
 
 
Figure 1.3 Transect D at the Belle W. Baruch Institute. 
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Figure 1.4: (a) Transect D piezometer located at the Baruch Institute where field 
sampling was performed. Each PVC pipe is placed at various depths. (b) Map showing 
approximate locations of each well along transect D. 
(a
) 
(b) 
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1.3 METHODS: 
Water samples were pumped out of the piezometers using peristaltic pumps and 
Teflon tubing (approximately 1.00 cm internal diameter). The piezometers were first 
drained and allowed to recharge prior to sampling. Samples were collected in rubberized 
borosilicate glass BOD bottles to preclude photodegradation of light sensitive analytes. 
Salinity, DO, and pH were measured in the field using portable probes, and were 
monitored during the oxidation of samples. Samples were oxidized on site using clean 
aeration stones (fritted glass) attached to Teflon tubing. Aliquots of each sample were 
withdrawn during the oxidation and analyzed. 5.00 mL of samples were placed in 8.00 
mL borosilicate vials pre-charged with 0.50 mL of 0.01 M Ferrozine and 0.10 M 
ammonium acetate. 8.00 mL of sample was stored in an 8.00 mL borosilicate glass vial 
for later analysis via TOC.  
A Thermo Scientific Orion-5 star pH/RDO/conductivity portable meter was used 
to monitor pH and dissolved oxygen in the samples during aeration. The probes were 
calibrated with certified buffers manufactured by Thermo Scientific. The DO probe was 
calibrated by submerging the probe in 18 MΩ deionized water that has been boiled and 
bubbled with N2 gas. The pH probe was be calibrated with ionic strength adjusted pH 
buffers. Fe(II) and TOC/TIC samples were covered in aluminum foil and stored cold for 
laboratory analysis. Fe(II) was analyzed spectrophotometrically on the Spectramax M5 
UV-Vis spectrometer. TOC/TIC was analyzed on a Shimadzu carbon analyzer (Figure 
1.5).  
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Hydrogen peroxide was be quantified via a chemiluminescence method developed 
by Whitney King50. The method utilizes flow injection analysis with a photomultiplier 
tube (PMT) as its detector (Figure 1.6).  The method is a base catalyzed desterification of 
acridinium ester probe. 
 
Figure 1.5: Shimadzu TOC schematic 51 
 
Figure 1.6 Felume Diagram: Field peroxide measurements were made via flow injection 
analysis.  
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The reaction products are N-methylacridone* and para-hydroxybenzoic acid. N-
methylacridone* decays to the ground state with photoemission centered at 
approximately 450 nm and emission intensity is the observable for the method (Figure 
1.7) 50.   
Figure 1.7: Reaction of acridinium ester and hydrogen peroxide Mechanism of the 
reaction of acridinium ester and hydrogen peroxide. 
The samples were injected via a syringe [1], a peristaltic pump [2] pumped 
samples through the system starting with the sample loop [3] then to the injection valve 
[4] and through the flow cell [5]. Solution A, the carbonate buffer, is 0.10 M sodium 
carbonate pH ~11.5. Solution B, the acridinium ester solution, is 1.00 µM acridinium 
ester buffered to pH 3 with 1.00 mM sodium phosphate, monobasic to inhibit base 
hydrolysis. Solution C, the carrier solution, is 0.70 M sodium chloride.  All the solutions 
were prepared from high-purity reagents in 18 MΩ deionized water.50 The acridinium 
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ester compound was synthesized in the laboratory according to a procedure published by 
Cooper et al. (2000)52.  
1.4 RESULTS AND DISCUSSION 
The piezometers in transect D are identified by their distance from the beginning 
of the road and their depth, thus piezometer 50-12 is 50 m from the road and 12 feet deep.  
The variation in length scales (English to metric) is historic and built into the site 
identifier code.  Samples were obtained from piezometers 50-12, 70-12, 90-12, 110-12, 
130-12, 150-12, 170-12, 190-12, 150-4, 70-8, 150-8, and 50-16. All of the data obtained 
from the field trips is included in Appendix A; dissolved oxygen increased rapidly as the 
ground water samples were aerated, eventually reaching saturation (an O2 concentration 
of approximately 250µM) and remained saturated for the duration of the aeration see 
Appendix A. Initial pH values of the ground water samples ranged from 4.84 to 7.02. The 
pH of all of the ground water samples increased as the aeration proceeded and the 
samples equilibrated with atmospheric CO2 levels (Appendix A). Table 1.1 combines the 
data used to characterize the environment of the Baruch where samples were obtained. 
Table 1.1 Summary of the conditions of the ground water at the Baruch Institute. 
 
Parameter Range 
pH 4.84-7.63 
Dissolved Oxygen 61.3-243 µM 
H2O2  0.51-1.99 µM 
Initial Fe(II) 4.41-305 µM 
Salinity 0.30-16.9 ppt 
 
The correlation between initial [Fe(II)] and hydrogen peroxide shows a bow shape 
that we believe is driven by the presence of a back reaction between Fe(III) and 
superoxide (discussed in Chapters 2-4, Figure 1.81). Fe(II) The analytical methods 
available for measuring Fe detect the instantaneous concentration of Fe(II) but they do 
ஐѠ
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not generate any information about its role as a chain initiator or propagator in this 
system Fe(II) may be oxidized rapidly by the system and if reduction occurs as rapidly 
the system would appear to be constant. This speaks to the importance of understanding 
how geochemical conditions affect the Fe oxidation and thus affect the equilibration 
between C and O. 
1.5 CONCLUSIONS 
Earth’s pool of reduced carbon and oxygen react slowly, but are 
thermodynamically unstable. Fe catalyzes the oxidation of reduced carbon in 
environments like an estuary, where anoxic Fe rich groundwater mixes with oxygen rich 
water. Experimental assays of the importance of estuaries in linking these two reservoirs 
must be based on recreating estuarine parameters in the lab. Our work at the Baruch 
Institute allowed us to characterize just such a natural water environment and create a 
map of field parameters (Table 1.1), thus enabling the identification of oxidants involved 
in this process and the geochemical conditions that influence oxidant production. 
Simulated natural water experiments that bracket the estuarine conditions compose 
chapters 2,3 and 4.  
1.6 SUPPLEMENTAL DATA  
Field samples from piezometers 50-12, 70-12, 90-12, 110-12, 130-12, 150-12, 
170-12, 190-12, 150-4, and 70-8 were collected on June 1, 2010. Dissolved oxygen, pH, 
and salinity data for these piezometers were also collected. Rainfall data for the days 
leading up to this sampling trip was obtained from NOAA and is included in table 1.2. 
There were no thunderstorms reported during this time period. Low tide was at 9:03 a.m.  
Field samples from piezometers 150-8, and 50-16 were collected on December 6, 
2010. Dissolved oxygen, pH, and salinity data for these piezometers were also collected. 
ҀѠ
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Rainfall data for the days leading up to this sampling trip was obtained from NOAA and 
is included in table 1.2. There were no thunderstorms reported during this time period. 
Low tide was at 4:43 a.m.  
Table 1.2: Rainfall data and low tide time for Baruch Institute.  
 
  
25-
May 
26-
May 
27-
May 
28-
May 
29-
May 
30-
May 
31-
May 1-Jun 
Rainfall 
(in.) 0.32 0.34 0.04 0 0.52 0.03 0 0.23 
Low 
tide 
time N/A 9:03 a.m. 
                  
  
29-
Nov 
30-
Nov 1-Dec 2-Dec 3-Dec 4-Dec 5-Dec 6-Dec 
Rainfall 
(in.) 0 0 0.16 0 0 0 0.05 0 
Low 
tide 
time N/A 4:43 a.m. 
 
 
Figure 1.8: Oxidation of native Fe (II) pumped from well 50-12 in Transect D at the 
Baruch Institute.  
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Figure 1.9: First order fit for net oxidation of native Fe (II) pumped from well 50-12 in 
Transect D at the Baruch Institute.  
 
 
Figure 1.10: pH during the oxidation of native Fe (II) pumped from well 50-12 in 
Transect D at the Baruch Institute. Instrument error is reported because the dynamic 
nature of sampling makes the samples unreproducible. 
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Figure 1.11: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
50-12 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.12: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
50-12 in Transect D at the Baruch Institute.  
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Figure 1.13: Oxidation of native Fe (II) pumped from well 70-12 in Transect D at the 
Baruch Institute.  
 
 
Figure 1.14: First order fit for net oxidation of native Fe (II) pumped from well 70-12 in 
Transect D at the Baruch Institute.  
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Figure 1.15: pH during the oxidation of native Fe (II) pumped from well 70-12 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.16: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
70-12 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.17: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
70-12 in Transect D at the Baruch Institute. 
 
 
Figure 1.18: Oxidation of native Fe (II) pumped from well 90-12 in Transect D at the 
Baruch Institute.  
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Figure 1.19: First order fit for net oxidation of native Fe (II) pumped from well 90-12 in 
Transect D at the Baruch Institute.  
 
 
Figure 1.20: pH during the oxidation of native Fe (II) pumped from well 90-12 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.21: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
90-12 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.22: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
90-12 in Transect D at the Baruch Institute.  
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Figure 1.23: Oxidation of native Fe (II) pumped from well 110-12 in Transect D at the 
Baruch Institute.  
 
 
Figure 1.24: First order fit for net oxidation of native Fe (II) pumped from well 110-12 
in Transect D at the Baruch Institute.  
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Figure 1.25: pH during the oxidation of native Fe (II) pumped from well 110-12 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.26: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
110-12 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.27: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
110-12 in Transect D at the Baruch Institute.  
 
 
Figure 1.28: Oxidation of native Fe (II) pumped from well 130-12 in Transect D at the 
Baruch Institute.  
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Figure 1.29: First order fit for net oxidation of native Fe (II) pumped from well 130-12 
in Transect D at the Baruch Institute.  
 
 
Figure 1.30: pH during the oxidation of native Fe (II) pumped from well 130-12 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.31: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
130-12 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.32: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
130-12 in Transect D at the Baruch Institute. 
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Figure 1.33: Oxidation of native Fe (II) pumped from well 150-12 in Transect D at the 
Baruch Institute.  
 
 
Figure 1.34: First order fit for net oxidation of native Fe (II) pumped from well 150-12 
in Transect D at the Baruch Institute.  
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Figure 1.35: pH during the oxidation of native Fe (II) pumped from well 150-12 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.36: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
150-12 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.37: Oxidation of native Fe (II) pumped from well 170-12 in Transect D at the 
Baruch Institute.  
 
 
Figure 1.38: First order fit for net oxidation of native Fe (II) pumped from well 170-12 
in Transect D at the Baruch Institute.  
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Figure 1.39: pH during the oxidation of native Fe (II) pumped from well 170-12 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.40: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
170-12 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.41: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
170-12 in Transect D at the Baruch Institute. 
 
 
Figure 1.42: Oxidation of native Fe (II) pumped from well 190-12 in Transect D at the 
Baruch Institute.  
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Figure 1.43: First order fit for net oxidation of native Fe (II) pumped from well 190-12 
in Transect D at the Baruch Institute.  
 
 
Figure 1.44: pH during the oxidation of native Fe (II) pumped from well 190-12 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.45: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
190-12 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.46: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
190-12 in Transect D at the Baruch Institute. 
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Figure 1.47: Oxidation of native Fe (II) pumped from well 150-4 in Transect D at the 
Baruch Institute.  
 
 
Figure 1.48: First order fit for net oxidation of native Fe (II) pumped from well 150-4 in 
Transect D at the Baruch Institute.  
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Figure 1.49: pH during the oxidation of native Fe (II) pumped from well 150-4 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible.  
 
 
Figure 1.50: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
150-4 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.51: Oxidation of native Fe (II) pumped from well 70-8 in Transect D at the 
Baruch Institute.  
 
 
Figure 1.52: First order fit for net oxidation of native Fe (II) pumped from well 70-8 in 
Transect D at the Baruch Institute.  
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Figure 1.53: pH during the oxidation of native Fe (II) pumped from well 70-8 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.54: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
70-8 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.55: Oxidation of native Fe (II) pumped from well 150-8 in Transect D at the 
Baruch Institute.  
 
 
Figure 1.56: First order fit for net oxidation of native Fe (II) pumped from well 150-8 in 
Transect D at the Baruch Institute.  
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Figure 1.57: pH during the oxidation of native Fe (II) pumped from well 150-8 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.58: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
150-8 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.59: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
150-8 in Transect D at the Baruch Institute. 
 
 
Figure 1.60: Oxidation of native Fe (II) pumped from well 50-16 in Transect D at the 
Baruch Institute.  
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Figure 1.61: First order fit for net oxidation of native Fe (II) pumped from well 50-16 in 
Transect D at the Baruch Institute.  
 
 
Figure 1.62: pH during the oxidation of native Fe (II) pumped from well 50-16 in 
Transect D at the Baruch Institute. Institute. Instrument error is reported because the 
dynamic nature of sampling makes the samples unreproducible. 
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Figure 1.63: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
50-16 in Transect D at the Baruch Institute. Institute. Instrument error is reported 
because the dynamic nature of sampling makes the samples unreproducible. 
 
 
Figure 1.64: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
50-16 in Transect D at the Baruch Institute. 
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Figure 1.65: Oxidation of native Fe (II) pumped from well 50-16 in Transect D mixed 
with seawater at the Baruch Institute.  
 
 
Figure 1.66: First order fit for net oxidation of native Fe (II) pumped from well 50-16 in 
Transect D mixed with seawater at the Baruch Institute.  
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Figure 1.67: pH during the oxidation of native Fe (II) pumped from well 50-16 in 
Transect D mixed with seawater at the Baruch Institute. Institute. Instrument error is 
reported because the dynamic nature of sampling makes the samples 
unreproducible. 
 
 
Figure 1.68: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
50-16 in Transect D mixed with seawater at the Baruch Institute. Institute. Instrument 
error is reported because the dynamic nature of sampling makes the samples 
unreproducible. 
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Figure 1.69: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
50-16 in Transect D mixed with seawater at the Baruch Institute. 
 
 
Figure 1.70: Oxidation of native Fe (II) pumped from well 150-8 in Transect D mixed 
with seawater at the Baruch Institute.  
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Figure 1.71: First order fit for net oxidation of native Fe (II) pumped from well 150-8 in 
Transect D mixed with seawater at the Baruch Institute.  
 
 
Figure 1.72: pH during the oxidation of native Fe (II) pumped from well 150-8 in 
Transect D mixed with seawater at the Baruch Institute. Institute. Instrument error is 
reported because the dynamic nature of sampling makes the samples 
unreproducible. 
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Figure 1.73: Dissolved oxygen during the oxidation of native Fe (II) pumped from well 
150-8 in Transect D mixed with seawater at the Baruch Institute. Institute. Instrument 
error is reported because the dynamic nature of sampling makes the samples 
unreproducible. 
 
 
Figure 1.74: Hydrogen peroxide during the oxidation of native Fe (II) pumped from well 
150-8 in Transect D mixed with seawater at the Baruch Institute. 
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Figure 1.75: Salinity of piezometers in Transect D as the distance from the start of the 
transect increases. All of the salinity values are for piezometers at a depth of 12 feet. 
Instrument error is reported because the dynamic nature of sampling makes the 
samples unreproducible. 
 
 
Figure 1.76: pH of piezometers in Transect D as the distance from the start of the 
transect increases. All of the pH values are for piezometers at a depth of 12 feet. Institute. 
Instrument error is reported because the dynamic nature of sampling makes the 
samples unreproducible. 
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Figure 1.77: pH of piezometers in Transect D as the depth of the piezometers increases. 
Institute. Instrument error is reported because the dynamic nature of sampling 
makes the samples unreproducible.  
 
Figure 1.78: Fe(II) oxidation rate of  Fe(II) in groundwater pulled from piezometers in 
Transect D as the depth of the piezometers increases. 
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Figure 1.79: Fe(II) oxidation rate of Fe(II) in groundwater pulled from piezometers in 
Transect D as the distance from the road increases. All of the oxidation rates are for 
piezometers at a depth of 12 feet. 
 
 
Figure 1.80: Relationship between maximum hydrogen peroxide and distance from the 
start of the road. 
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Figure 1.81: Relationship between maximum hydrogen peroxide and initial Fe(II) 
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CHAPTER 2 
EXPLORING THE GENERATION OF HYDROGEN PEROXIDE DURING THE AUTOXIDATION  OF 
FE(II)  
2.1 ABSTRACT 
Oxygen and reduced carbon are thermodynamically unstable but kinetically react 
slowly. Saline estuaries facilitate rapid equilibration between earth’s pools of oxygen and 
reduced carbon. This work aims to explain the interaction between geochemical 
constituent like bromide and NOM and the yield of hydrogen peroxide produced during 
the autoxidation of Fe(II). The Fe(II) was quantified using ferrozine and hydrogen 
peroxide was quantified with amplex red. All of these experiments were performed at pH 
7.00 ± 0.03 with initial Fe(II) concentrations of 25.0, 75.0, and 150 µM. Fe(II) was 
oxidized in all solution conditions with a pseudo first order rate that ranged from . 
Hydrogen peroxide concentrations ranged from 103 nM to 9.31 µM . The role of bromide 
and NOM as potential reductants for Fe(III) produced by the oxidation of Fe(II) revealed 
that NOM acts as a reductant in geochemically relevant environments whereas bromide 
does not. Furthermore, NOM was associated with a faster production and consumption of 
hydrogen peroxide than bromide.  
2.2 INTRODUCTION 
Fe is the most abundant metal on earth. Environmental compartments that are rich 
in organic carbon but poor in oxygen are also responsible for rapid production of pools of 
Fe(II) similar to those studied at the Baruch.  
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Microbial metabolism requires a terminal electron acceptor to extract energy from 
reduced carbon. 53, 54The rate of energy release is critical to maintaining the biosphere and 
it occurs via a combination of respiratory (biotic) and abiotic processes in oxic and 
anoxic environments. Microbes use a series of alternative electron acceptors in the 
absence of oxygen. In anoxic environments microbes reduce nitrate to ammonia (N(V) to 
N(III)), sulfate to hydrogen sulfide (S(VI) to S(-II)), and manganese (IV) is reduced to 
manganese (II). In sediments, aquifers, and anoxic waters, iron reduction is also mediated 
by a number of microbial pathways24, 29, 30, 53-66.  
Oxygen and reduced carbon are thermodynamically unstable but kinetically react 
slowly. Saline estuaries facilitate rapid equilibration between earth’s pools of oxygen and 
reduced carbon The family of reactions that govern the rapid equilibration between 
earth’s pools of oxygen and reduced carbon as mediated by Fe(II) are the same regardless 
of where the reactions take place (equations 2.1-2.7). 67,4,5,6,68,8,9, 69-71  Geochemical 
conditions can affect the concentration and subsequent reactions of the resultant ROS. Fe 
cycling between the ferric and ferrous state creates an essential mechanism of electron 
transport between reduced materials and atmospheric oxygen. The autoxidation of Fe(II) 
by oxygen in marine conditions is rapid. It results in the production of the superoxide 
anion radical (equation 2.1). The superoxide anion radical is the conjugate base of the 
hydroperoxyl radical (pka 4.8) The superoxide anion radical can oxidize Fe(II) (equation 
2.2) or it can react with itself via a process called dismutation to produce hydrogen 
peroxide (equation 2.3-2.5)  There are other sources of Fe(II) in marine systems that are 
not photoderived. Fe reduction is mediated by microbial pathways in anoxic waters 
(Figure 2.1) 24, 29, 30, 53-66  
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Figure 2.1: Fe oxidation in natural waters leads to the production of reactive oxygen 
species.    
 
 +		 ⇌  +		• (2.1) 
 +		•		 ⇌			 +	 				 (2.2) 
	• +	• 		⇌ 				 + 	 (2.3) 
	• +	• 		⇌ 				 + 	 (2.4) 
	• + 	• 		⇌ 				 + 	 (2.5) 
 +			 ⇌  + • +  (2.6a) 
 + 		 ⇌ []	 + 	 (2.6b) 
 + 	0 ⇄  − 0	 ⇌23 +	0 (2.7) 
 55 
Changes in the chemical makeup of the environment where the Fe(II) oxidation 
occurs have been shown to alter the Fe(II) oxidation rate and the number of times Fe 
cycles. 35-37, 72-74 Thus these changes also have implications for subsequent ROS 
production. I hypothesize that abiotic reductants will have a significant effect on the Fe 
cycle, particularly on the ROS produced subsequent to Fe(II) oxidation.  
Figure 2.2 shows the two extremes for Fe oxidation in this system. Fe oxidation in 
the absence of subsequent Fe (III) reduction would lead to rapid net Fe(II) oxidation 
figure 2.2a. Rapid iron oxidation with concurrent rapid Fe (III) reduction would lead to 
figure 2.2b with the net Fe(II) concentration appearing to be unchanged.  
Current analytical methods for quantifying Fe(II) do not allow for resolution 
between these two Fe oxidation extremes. This was evident at the Baruch institute 
(Figure 2.3) where one initial Fe(II) concentration led to two different maximum 
peroxide concentrations. This outcome is likely caused by changing geochemical 
constituents. Br- and NOM are capable of contradictory effects on Fe(II) oxidation, and 
they could have contradictory effects on subsequent H2O2 production. NOM is known to 
stabilize Fe(II) toward oxidation by H2O2 while enabling the formation of hydroxyl 
radical through this oxidation process in the Fenton reaction. The stabilization or 
catalysis by NOM is really an indication of a cycle of reactions where NOM acts as an 
electron donor as well as a ligand. 75 Similarly bromide is known to catalytically 
decompose H2O2 in acidic solutions, and is capable of acting as an antioxidant in Fenton 
like 76 The Fenton reaction is capable of facilitating the bromination of natural organic 
matter in systems where both are present. 77 
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Figure 2.2: When Fe(II) oxidation proceeds without subsequent Fe (III) reduction , the 
net iron oxidation resembles (a). When the instantaneous Fe(II) oxidation rate is equal to 
the instantaneous Fe (III) reduction rate, the net iron oxidation resembles (b)  
(a) 
(b) 
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Figure 2.3: Relationship between maximum hydrogen peroxide and initial Fe(II). 
Studies suggest that groundwater associated with subterranean estuaries cause a 
surge of Fe(II)  to the anoxic/oxic mixing zone.8, 9, 41, 78  The magnitude of the surge of 
seawater through submarine estuaries supports large fluxes of chemical species both into 
and out of these critical systems. This chapter aims to elucidate the interaction between 
these geochemical constituents and hydrogen peroxide produced during the autoxidation 
of Fe(II).  Assuming the interaction between naturally occurring electron donors and the 
iron cycle will affect the production of hydrogen peroxide in simulated natural waters; 
this work aims to determine the role of abiotic reductants in the production of H2O2 in 
Fenton-like systems in simulated natural waters.. 
2.3 METHODS 
Schemes 2.1 and 2.2 detail the experimental procedure. Anhydrous iron (II) 
chloride (99.5% metals basis) and 5,6-diphenyl-3-(2-pyridyl)-1,2,4-triazine-4,4"-
disulfonic acid monosodium salt hydrate (ferrozine,  97%) were obtained from Alfa 
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Aesar. Reagent grade iron (III) chloride hexahydrate (≥ 98%), terephthalic acid (98%), 
peroxidase from horseradish type II (99.9% 150-250 units/mg), and catalase from bovine 
liver (2.00-5.00 x103 units/mg) were obtained from Sigma Aldrich. Ammonium acetate  
 
Spike in anoxic Fe(II)aq stock 
Quench 
samples with 
Ferrozine 
 
Amplex Red 
working solution  
Plate reader ex: 530 nm 
em: 585nm 
Quench 
samples with 
DTPA 
 
Plate reader 
abs: 562 nm 
Periodically 
withdraw 
Periodically 
withdraw 
Aerate solution by stirring 
Oxygen saturated simulated 
seawater solution 
Scheme 2.1: Experimental scheme detailing how samples were periodically 
withdrawn and quenched 
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(97%), sodium bicarbonate (99.7%), and ACS grade hydrochloric acid and ACS 
grade sodium hydroxide that were manufactured by BDH chemicals were obtained from 
VWR.  Diethylenetriamine pentaacetic acid (98.7%) was obtained from ACROS 
organics. Methanol (certified ACS), sodium chloride (99.9% certified ACS), sodium 
iodide (certified ACS), sodium bromide (99.9% certified ACS), and pH 4.00, 7.00 and 
Spike in Fe(III)aq stock solution 
Quench 
samples with 
Ferrozine 
 
Plate reader 
abs: 562 nm 
Periodically 
withdraw 
Aerate solution by stirring 
Oxygen saturated simulated 
seawater solution 
Scheme 2.2: Experimental scheme detailing Fe(III) reduction experiments 
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10.0 buffers were all obtained from Fisher Scientific. Suwannee River natural organic 
matter, SRNOM, was obtained from the International Humic Substances Society. 
Monobasic and dibasic sodium phosphate (≥ 99%) were obtained from Mallinckrodt 
Baker. Dimethyl sulfoxide was obtained from Macron Fine Chemicals. Amplex Red was 
obtained from American Advanced Scientific.  All materials were used as received. 
7.50 mM stock solution of FeCl2 was prepared in boiled, degassed 18 MΩ 
deionized water (99.999% N2). This solution was then stored in the dark with a 
continuous slow N2 purge. The Fe(II) solution was  standardized prior to each 
experimental run using a modified version of the Stookey ferrozine method.79A 7.50 mM 
stock solution of FeCl3 was prepared in 18 MΩ deionized water. Individual solutions of 
each experimental condition were prepared with all factors save Fe. The solutions were 
equilibrated with air for 5 min prior to the addition of Fe. All experiments were 
performed at a temperature of about 25 °C. Prior to oxidation, solution pH was adjusted 
with dilute HCl or NaOH to a final value of 7.00 ± 0.03 (Thermo Scientific Orion-5 star 
pH/RDO/conductivity portable meter and a Thermo Scientific Orion 9165 BNWP high 
ionic strength pH probe). Due to the high ionic strength of the individual solutions, pH 
electrode responses were calibrated as a function of ionic strength by use of NaCl 
adjusted buffers. Fe(II) was then added to achieve nominal initial concentrations of 25.0, 
75.0, and 150. µM. All samples were handled in the dark. Three replicate analyses were 
performed for each experiment. 
Diethylenetriaminepentaacetic acid: 6 mg of catalase was added to 2.00 L of 18 
MΩ deionized water and stirred for 1 hour. The water was then boiled for 25 minutes and 
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cooled to room temperature. The catalase treated water was used to make a 30.0 mM 
diethylenetriaminepentaacetic acid (DTPA) solution (pH 6.30 ± 0.20). 
Amplex Red indicator solution: A 10mM solution of Amplex Red AR, was made 
in dimethyl sulfoxide DMSO. 1.20 mg of horseradish peroxidase (HRP) was dissolved in 
1.00 mL of phosphate buffer (pH 7.5) and 40.0 µL of the AR solution was mixed with 
80.0 µL  of the HRP solution and 3.88 mL of the phosphate buffer. The indicator solution 
was made just prior to its use.  
Aliquots were withdrawn as a function of time and the reaction was quenched by 
addition to a receiving vial. Samples intended for Fe analysis were withdrawn in1.00 mL 
aliquots and added to receiving vials pre-loaded with 0.10 mL of a ferrozine (0.01 M) and 
ammonium acetate (0.10 M) solution. This acted to quench the reaction by complexing 
Fe(II) in a redox-inert form and also develop an observable, since the FeFz3 complex is 
intensely colored.  Since SRNOM is capable of reducing Fe (III) 500 µL of DTPA 
solution was subsequently added to all Fe samples containing SRNOM. 1.00 mL aliquots 
of hydrogen peroxide samples were added to vials pre-loaded with 0.50 mL of the DTPA 
solution. Each of the quenched iron samples were then transferred to a single well of a 
96-well Zinsser glass plate and diluted if necessary to achieve an optical density of less 
than 1.15. The absorbance of individual wells was measured at 562 nm on a 
SpectramaxM5 plate reader. Fe(II) blanks were taken by adding stock solutions to 
FerroZine via an identical approach; no background Fe(II) was detected in any solutions 
to the detection limit of the method (3.00 µM). 
Hydrogen peroxide was quantified fluorimetrically with the Spectramax. A 
calibration curve was used to quantify the H2O2 samples. 0.20 mL of the sample was 
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transferred to a quartz 96 well plate and mixed with 0.15 mL of the Amplex Red 
indicator solution. The color was allowed to develop for 30 minutes and the sample was 
excited at 530 nm and the emission was measured at 585 nm. Table 2.1 lists the 
experimental conditions tested. 
Table 2.1: Experimental conditions and analytes monitored in this study 
 
 Conditions  Fe(II) and H2O2 
monitored with 
initial Fe(II) 
concentrations 
Yield of Fe(II) 
reduced from 
Fe(III) with 
initial Fe(III) 
concentration  
A 621 mM Cl-,  
0.48 µM I-,  
0.87mM total HCO3
-
 ,  
0 µM Br-,  
0 mg C/L SRNOM,  
50.0 µM 2-Hydroxyterephthalic acid 
25.0, 75.0, 150. µM 
at pH 7.00 
150. µM at pH 
3.00-8.00 
B 621 mM Cl-,  
0.48 µM I-,  
0.87mM total HCO3
-
 ,  
209 µM Br-,  
0 mg C/L SRNOM,  
50.0 µM 2-Hydroxyterephthalic acid 
25.0, 75.0, 150. µM 
at pH 7.00 
150. µM at pH 
3.00-8.00 
C 621 mM Cl-,  
0.48 µM I-,  
0.87mM total HCO3
-
 ,  
0 µM Br-,  
12.8 mg C/L SRNOM,  
50.0 µM 2-Hydroxyterephthalic acid 
25.0, 75.0, 150. µM 
at pH 7.00 
150. µM at pH 
3.00-8.00 
D 621 mM Cl-,  
0.48 µM I-,  
0.87mM total HCO3
-
 ,  
209 µM Br-,  
12.8 mg C/L SRNOM,  
50.0 µM 2-Hydroxyterephthalic acid 
25.0, 75.0, 150. µM 
at pH 7.00 
150. µM at pH 
3.00-8.00 
 
2.4 RESULTS AND DISCUSSION 
Upon exposure to atmospheric oxygen at neutral pH values Fe(II) is oxidized 
(Figure 2.4-2.7, supplemental figures 2.19-2.30).  The iron oxidation began slowly for 
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solutions that did not contain NOM. In these solutions the instantaneous Fe(II) 
concentration measured varied by less than 10% until about 2000 seconds passed. 
Solutions that contained NOM showed an immediate decrease in the instantaneous Fe(II) 
concentration measured. The iron oxidation was repeated in each of the solution 
conditions at pH 7.00 with three initial nominal Fe(II) concentrations of 25.0, 75.0, and 
150 µM. Data shown is from the 25.0 µM condition.  
The various geochemical constituents present in our system make our net Fe(II) 
oxidation process complex. When the data was transformed as a normalized natural log 
the correlation coefficient was high. In subsequent models the data was treated as being 
pseudo first order.  (Figures 2.8-2.11).  
 
Figure 2.4: Fe(II) oxidized over time in the presence of atmospheric oxygen and 25.0 µM 
Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 0 mg C/L SRNOM, and 
50.0 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.5: Fe(II) oxidized over time in the presence of atmospheric oxygen and 25.0 µM 
Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 12.8 mg C/L SRNOM, 
and 50.0 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
Figure 2.6:Fe(II) oxidized over time in the presence of atmospheric oxygen and 25 µM 
Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 0 mg C/L SRNOM, 
and 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.7:Fe(II) oxidized over time in the presence of atmospheric oxygen and 25 µM 
Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 12.8 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid. All analyses were performed in 
triplicate. N=1 for each trial. 
 
 
Figure 2.8: Iron (II) oxidation was transformed as a normalized natural log. Conditions: 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 0 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.9: Iron (II) oxidation was transformed as a normalized natural log. Conditions: 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 12.8 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.10: Iron (II) oxidation was transformed as a normalized natural log. Conditions: 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 0 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.11: Iron (II) oxidation was transformed as a normalized natural log. Conditions: 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 12.8 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid. All analyses were performed in 
triplicate. N=1 for each trial. 
 
The presence of NOM initially caused an immediate decrease in the Fe(II) 
concentration. However, its effect on the overall Fe(II) oxidation rate is indistinguishable 
from the conditions with no Br- and no NOM, and the condition with only Br at the 95 % 
confidence interval. Only Br- and NOM together caused a significant increase in the 
Fe(II) oxidation rate (Figure 2.12). This is in keeping with previous findings about the 
nature of the Fe(II) oxidation process in similar Fenton-like systems.72 When the Fe(III) 
reduction is equal to Fe(II) oxidation, the net Fe(II) oxidation appears flat (Figure 2.2b), 
when Fe(III) reduction is slow or nonexistent, the net Fe(II) oxidation is rapid (Figure 
2.2a) To determine whether or not rapid Fe(III) reduction was occurring in the presence 
of our solutes we examined Fe(III) reduction in those solution conditions (Figure 2.13).  
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Figure 2.12: Fe(II) oxidation rates modeled as a first order process with an initial Fe(II) 
concentration of 25 µM, 75 µM and 150 µM in the following solutions A: 621 mM Cl-, 
0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 0 mg C/L SRNOM, and 50 µM HOTPA; B: 
621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 0 mg C/L SRNOM, and 50 
µM HOTPA; C: 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 12.8 mg C/L 
SRNOM, and 50 µM HOTPA; D: 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 
µM Br-, 12.8 mg C/L SRNOM, and 50 µM HOTPA 
 
 
Figure 2.13: Yield of Fe (II) produced by the reduction of Fe(III) in the presence of the 
same solutes. Initial Fe (III) concentration was 150. µM. The limit of quantification for 
the ferrozine method is included. 
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The amount of Fe(III) reduced at all pH values is not statistically significant given 
the limit of quantification for the Ferrozine method (3.00 µM). Br- is capable of acting as 
a reductant, but given the reduction potentials for the Fe(III)/Fe(II) couple (+0.77 V) and 
the Br2/2Br-  couple ( +1.08 V) it is not capable of reducing Fe(III). 
80 . The amount of 
Fe(III) reduced in these systems (<10.0 µM) suggests Fe(III) reduction is not as rapid as 
Fe(II) oxidation in these systems. Previous studies have shown that there is a minimum 
amount of Fe(II) (5.00-25.0 µM) that must be present in the system to initiate cycling and 
generate ROS. 36 This indicates either Fe(III) reduction does not play a significant role in 
the Fe cycle or that the ROS produced by these systems are crucial for Fe(III) reduction.  
Two Fe(II) ions are consumed for each hydrogen peroxide molecule produced 
(equation 2.1 and 2.2). Thus the theoretical max for the H2O2 concentration in each of 
these solutions is half of the Fe(II)init.  In the absence of Br- and NOM with an initial Fe 
concentration of 25.0 µM, hydrogen peroxide production is modest. Over the course of 
the oxidation H2O2 increased slightly and then decreased, however it does not fall back to 
pre Fe oxidation levels. In the presence of NOM hydrogen peroxide generation is robust. 
H2O2 maxed out after 1000 seconds and the H2O2 produced is rapidly consumed. In the 
presence of Br-, H2O2 production and consumption slowed down. H2O2 production and 
consumption was rapid in the presence of both Br- and NOM (Figure 2.14-2.17). When 
the initial Fe(II) concentration was increased to 75.0 µM Fe(II), only the solution 
conditions with NOM present reached a maximum, the conditions without NOM 
increased throughout the duration of the oxidation. Similarly none of the solution 
conditions reached an H2O2 maximum when the initial Fe(II) concentration was 150. µM 
(Figures 2.33, 2.36, 2.39, 2.42).The measured peroxide concentration did not reach the 
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theoretical max in any of the solution conditions. This is likely due to side reactions ( e.g. 
back reactions with superoxide). Bromide by itself does not appear to have any effect on 
the H2O2 production, however, bromide does promote hydroxyl radical formation. Figure 
2.12 shows a slight decrease in the oxidation rate in the presence of Br-, but the 
difference is not significant at the 95% confidence interval. Thus the quantity of iron 
cycles in our system is not a factor in the amount of H2O2 produced.  
As the amount of initial Fe(II) increased, the peroxide maximum decreased. The 
decrease in products with increasing initial Fe(II) is consistent with superoxide mediated 
oxidation of NOM. Our increase in Fe(II)init corresponds with an increase in superoxide.  
This would lead to more NOM being oxidized in our system. Oxidized NOM has been 
shown to produce less H2O2 than reduced organic matter.
81 .  
 
Figure 2.14: Hydrogen peroxide production when the initial Fe concentration is 25 µM in 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 0 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.15: Hydrogen peroxide production when the initial Fe concentration is 25 µM in 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 12.8 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
Figure 2.16: Hydrogen peroxide production when the initial Fe concentration is 25 µM in 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 0 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.17: Hydrogen peroxide production when the initial Fe concentration is 25 µM in 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 12.8 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid. All analyses were performed in 
triplicate. N=1 for each trial. 
NOM and Br- together both increase the net Fe(II) oxidation rate and the amount 
of H2O2 produced.  Since oxidized NOM produces less H2O2 than reduced NOM, the 
increase in H2O2 we observe in the presence of Br- and NOM could indicate that Br- acts 
to reduce NOM in our system. This would lead to an increase in the concentration of 
H2O2 produced.  
2.5 CONCLUSIONS 
The abiotic reductants present in our system do affect the net Fe(II) oxidation and 
subsequent H2O2 generation. Since H2O2 goes on to produce a secondary oxidant in this 
system, that secondary oxidant could also have a crucial role in the oxidation of Fe(II), 
thus increasing our observed net Fe(II) oxidation rate. This role for a secondary oxidant is 
bolstered by our results showing rapid net Fe(II) oxidation correlates with high H2O2 
production (Figure 2.18). In order to understand the way that oxidant is influenced by 
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these geochemical constituents, we first need to identify the oxidant produced in our 
system.  
 
Figure 2.18: H2O2 production as a function of Fe(II) oxidation rate. 
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2.6 SUPPLEMENTAL DATA  
 
Figure 2.19: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid N=1 for each trial. 
 
 
Figure 2.20: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.21: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.22: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.23: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.24: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.25: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.26: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.27: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.28: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.29: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.30: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.31: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 
12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.32: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 
12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.33: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 
12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.34: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 
mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.35: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 
mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.36: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 
0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.37: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 
mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.38: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 
mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.39: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 
12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.40: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 
mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.41: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 
mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.42: Hydrogen peroxide produced concurrently with Fe(II) oxidation at pH 7. 
Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 
mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.43: Fe(III) reduction in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.44: Fe(III) reduction in O2 saturated solutions at pH 4. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.45: Fe(III) reduction in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.46: Fe(III) reduction in O2 saturated solutions at pH 6. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.47: Fe(III) reduction in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.48: Fe(III) reduction in O2 saturated solutions at pH 8. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.49: Fe(III) reduction in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.50: Fe(III) reduction in O2 saturated solutions at pH 4. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.51: Fe(III) reduction in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.52: Fe(III) reduction in O2 saturated solutions at pH 6. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.53: Fe(III) reduction in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.54: Fe(III) reduction in O2 saturated solutions at pH 8. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.55: Fe(III) reduction in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.56: Fe(III) reduction in O2 saturated solutions at pH 4. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.57: Fe(III) reduction in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.58: Fe(III) reduction in O2 saturated solutions at pH 6. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.59: Fe(III) reduction in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.60: Fe(III) reduction in O2 saturated solutions at pH 8. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 2.61: Fe(III) reduction in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.62: Fe(III) reduction in O2 saturated solutions at pH 4. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 96 
 
Figure 2.63: Fe(III) reduction in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.64: Fe(III) reduction in O2 saturated solutions at pH 6. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
지;
 
97 
 
Figure 2.65: Fe(III) reduction in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 2.66: Fe(III) reduction in O2 saturated solutions at pH 8. Conditions: 150 µM Fe 
(III), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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CHAPTER 3 
EXPLORING THE GENERATION OF HO AND FE(IV) DURING AERATION OF FE(II) IN SIMULATED 
NATURAL WATER  
3.1 ABSTRACT 
Aqueous suspensions of zero valent iron (Fe(s)) are quickly oxidized to ferrous 
(Fe(II)) and ferric (Fe (III)) iron in the presence of oxygen. ROS such as 
superoxide/hydroperoxyl radical and hydrogen peroxide are produced. Hydrogen 
peroxide subsequently produces another oxidant that is capable of oxidizing or even 
mineralizing organic carbon. Both hydroxyl radical and the ferryl ion have been proposed 
as the oxidant responsible for oxidation of organic carbon that has been observed during 
Fe oxidation. The hydroxyl radical is neutral whereas the ferryl ion is not. As such, the 
ferryl ion will be susceptible to changes in the ionic strength whereas the hydroxyl radical 
will not.  Terephthalic acid is oxidized by both hydroxyl radical and the ferryl ion to 
produce 2-hydroxyterephthalic acid. We examined the yield of 2-hydroxyterephtalic acid 
in simulated natural waters at pH 3.00, 5.00, and 7.00 with initial Fe(II) concentrations of  
25.0, 75.0, and 150. µM as the ionic strength of the solution environment changed. Our 
results show that more terephthalic acid is oxidized than would be expected if the ferryl 
ion is the responsible oxidant. These results do not rule out the possibility of ferryl ion 
formation, but they do exclude ferryl ion as the oxidant responsible for organic carbon 
oxidation observed in these systems. 
쨐;
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3.2 INTRODUCTION 
Redox cycling of dissolved Fe(II) is known to be a significant source of reactive 
oxygen species (ROS) in surface waters.82-85 In chapter two we showed that H2O2 is 
produced during the autoxidation of Fe. Iron is commonly found in the 0, +2, and +3 
oxidation states in the natural (or built) environment.  86 Aqueous suspensions of zero 
valent iron (Fe(s)) are quickly oxidized to ferrous (Fe(II)) and ferric (Fe (III)) iron in the 
presence of oxygen. 14, 87  Inadvertent oxidation of various arsenic species and co-
dissolved organic molecules like methanol and ethanol are often cited as justification for 
the assertion that [Fe(IV)O]2+ is also active in environmental systems. 14, 88-91 Past 
observations that the Fenton process becomes less efficient as pH increases have been 
used to bolster this claim.14, 88, 89, 92 
Both hydroxyl radical and the ferryl ion have been proposed as the oxidant 
responsible for oxidation of organic carbon that has been observed during Fe oxidation. 
14-18, 83, 84, 87-91, 93-98 The reaction mechanisms for ferryl mediated oxidations are a subject 
of debate. 16-18  Experimental evidence exists for its function as a one-electron and two-
electron oxidant. 99, 100  Kinetic evidence also points to a two-electron oxidation of 
substituted phenols by an aqueous ferryl substrate complex.101 Given the historical role of 
the Fenton process as mechanism for hydroxylating aromatics, the latter has led to 
speculation that the ferryl ion, [Fe(IV)O]2+, may also be the reactive intermediate in the 
Fenton reaction (equation 3.4b). 102, 
101 I hypothesize that hydroxyl radical is the oxidant 
responsible for the organic carbon oxidation that occurs concurrently with Fe oxidation 
during the Fe cycle.  
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Fe(II) is rapidly oxidized by oxygen, leading to the production of superoxide 
anion radical (eqn. 3.1).  In the presence of excess ligand, Fe (III) produced in (eqn. 3.1) 
can be reduced (eqn. 3.2), making the production of superoxide catalytic.	 
	 +		 ⇌  +		• (3.1) 
	 + 	0 ⇄  − 0	 ⇌23 +	0 (3.2) 
The superoxide anion radical is the conjugate base of the hydroperoxyl radical 
(pKa 4.8).  This radical can react with itself to generate hydrogen peroxide (eqn. 3.3). 
Hydrogen peroxide reacts with Fe(II) to yield a tertiary oxidant either hydroxyl 
radical(equation 3.4a), or the ferryl ion (equation 3.4b). 102-104 Both reactions 3.4a and 
3.4b are known as the Fenton reaction. 
	• + 	• 		⇌ 				 + 	 (3.3a) 
	• + 	• 		 				⇌		 +  + 	 (3.3b) 
	• + 	• 		⇌ 				 + 	 (3.3c) 
 +			 ⇌  + • +   (3.4a) 
 + 		 ⇌ []	 + 	 (3.4b) 
The hydroxyl radical is a highly reactive species that generically oxidizes 
organics at nearly diffusion controlled rates and can even oxidize common inorganic 
anions such as carbonate/bicarbonate, iodide or bromide to the corresponding radical 
species (e.g. for the oxidation of bicarbonate, eqn. 3.5).105 
• + 45 					⇌				  + 45•  (3.5) 
The hexaaquo ferryl ion is one of the simplest and most reactive high-valent iron oxo 
complexes. Ferryl ion is easily synthesized by the oxidation of aqueous Fe2+ with ozone 
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(equation 3.6-3.8), and has a lifetime in acidic solutions of about seven seconds 106. The 
ferryl ion is lost via a process called comproportionation. 
The mechanism of ferryl formation is different than that of the ROS (Figure 3.1). 
The ferryl ion is formed via the two electron oxidation of Fe(II) by hydrogen peroxide, 
whereas hydroxyl radical, superoxide/hydroperoxyl radical, and hydrogen peroxide are 
formed via one electron transfer reactions. Higher valent or oxo (Fe=O) forms of iron 
(+4, +5, and +6) can also be found as the active intermediate in some biological 
reactions.107  The catalytic activation of C-H bonds with these species in both laboratory 
and biological oxidations is a source of substantial interest. 99, 108 Many of the attempts to 
understand both heme and nonheme iron centers in enzyme active sites focus on 
understanding the structure, mechanisms, and intermediates of the iron oxo chemistry. 
Although the ferryl ion is widely implicated in biogenic oxidation 107, 109, particularly in 
association with porphyrins (e.g. cytochrome P450) it has not been associated with 
abiotic environmental processes until very recently (Figure 3.2).  
The re-equilibration of anoxic, Fe(II) containing solutions with atmosphere leads 
to the formation of a series of partial reduction products for organic carbon, iron, and 
oxygen (scheme 3.1) The potentials listed in scheme 3.1 are versus the standard hydrogen 
electrode (SHE).  
 + 5 ⇌ []	 + 	 (3.6) 
 + []	 ⇌ 2	III/FeOH	FeIV* 
*written as it appears in reference 106 
(3.7) 
FeOH	FeIV + 2H ⇌ 2	III + 2H	O	 (3.8) 
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Figure 3.1: Oxidant formation in the Fenton reaction is widely believed to occur either 
via the HO path or the Ferryl path as the pH of the solution changes. 14, 16, 84, 87, 96, 110-115 
There is some evidence suggesting formation occurs via both paths simultaneously.116  
 
4> ?.AB	CDEEF 45 ?.	5		CDEEEF 4 ?.?5>	CDEEEF 4 ?.	?	CDEEEF 4	 (3.1) 117 
GC 	.?	CDEF GGG ?.HHI	CDEEEF GG ?.>>	CDEEEF  117, 118 
	 ?.55	CDEEEF 		· ?.B>	CDEEF 		 ?.>K	CDEEF  ·	.IL	CDEEF 	 117, 119 
Scheme 3.1: Lattimer diagram with reduction potentials for iron, carbon, and oxygen 
species.  
Ferryl ion path HO· Path 
쪰;
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Figure 3.2: Citations for ferryl ion as fenton’s reagent. 
The HO·/H2O couple has a reduction potential of 2.18 V; the Fe
IV/FeII couple has 
a reduction potential of 1.39 V. This means hydroxyl radical is a stronger oxidant than 
the ferryl ion.  
It is critical to know the difference between these oxidants because the 
geochemical conditions in which they are formed will affect them both differently. HO is 
neutral and will be insensitive to ionic strength effects whereas the ferryl ion is not. 
Figure 3.3 shows how the activity coefficient for hydroxyl radical and the different ferryl 
species changes with increasing ionic strength. The extended Debye Hückel equation 
(equation 3.9) was used to calculate the activity coefficient when the ionic strength was 
less than or equal to 0.10. The Davies equation (equation 3.10) was used to calculate the 
activity coefficients when the ionic strength was greater than 0.1.   
 104 
log PQ = −0.51 U VQ
	 U √
1 + 3.3 U YQ U √ 
(3.9) 
−log PQ =	0.511ZQ	  √1 + √ − 0.2 
(3.10) 
 
Figure 3.3: Ionic strength affects the activity coefficient for the ferryl ion, but the 
hydroxyl radical will be unaffected. The Debye Hückel equation was used to calculate the 
activity coefficient when the ionic strength was less than or equal to 0.10. The Davies 
equation was used to calculate activity coefficients when the ionic strength was greater 
than 0.10  
 
Recent studies indicate that the efflux of groundwater associated with 
subterranean estuaries is a major source of Fe(II) in the groundwater/seawater mixing 
zone. 6, 9, 120, 121  The magnitude of the flux of water across the water column/sediment 
interface supports large fluxes of chemical species both into and out of these important 
systems. Estimates based on Ra isotope inventories suggest that on the order of 20.0-40.0 
kg of water m-2day-2 is circulated through the shallow aquifer in the SC salt marsh 
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system. 122  This yields an estimate for the entire SC coastline (est. 300 km length) of up 
to 7.00 x 1010 kg of water exchanged per day. 120  Estimates of seawater circulation based 
on U removal suggest an even larger portion of coastal waters circulates through shallow 
aquifers. 123   
Current global inventories for HO are based on mole/yr/surface area and assume a 
photochemical source of Fe reduction.  There are no inventories for geochemical sources, 
however, understanding whether or not the most powerful oxidant in natural waters 
requires activity corrections to be modeled is critical.  Assuming equimolar yield activity 
effects still can reduce the effects of ferryl some 50% relative to HO in seawater, a giant 
error for ROS models of organic lifetimes from oxidative degradation. Initiating Fe(II) 
oxidation in solutions of different ionic strengths and monitoring the change in oxidation 
products will allow us to identify the oxidant produced by the Fenton reaction. 
3.3 METHODS  
The experimental procedure is shown in figure 3.4. Anhydrous iron (II) chloride 
(99.5% metals basis) and 5,6-Diphenyl-3-(2-pyridyl)-1,2,4-triazine-4,4"-disulfonic acid 
monosodium salt hydrate, ferrozine, ( 97%) were obtained from Alfa Aesar. Reagent 
grade iron (III) chloride hexahydrate (≥ 98%), terephthalic acid (98%), peroxidase from 
horseradish type II (99.9% 150.-250. units/mg), and catalase from bovine liver (2000-
5000 units/mg) were obtained from Sigma Aldrich. Ammonium acetate (97%), sodium 
bicarbonate (99.7%), and ACS grade hydrochloric acid and ACS grade sodium hydroxide 
that were manufactured by BDH chemicals were obtained from VWR.  
Diethylenetriamine pentaacetic acid (98.7%) was obtained from ACROS organics. 
Methanol (certified ACS), sodium chloride (99.9% certified ACS), sodium iodide 
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(certified ACS), sodium bromide (99.9% certified ACS), and pH 4.00, 7.00 and 10.0 
buffers were all obtained from Fisher Scientific. Suwannee River natural organic matter, 
SRNOM, was obtained from the International Humic Substances Society. Monobasic and 
dibasic sodium phosphate (≥ 99%) were obtained from Mallinckrodt Baker. All water 
used was 18 MΩ deionized water that was treated by a Barnstead E-pure system. 
A stock solution that was nominally 7.50 mM FeCl2 was maintained under N2 
gas. The Fe solution was standardized with Ferrozine/Ammonium Acetate solution 
before each experimental run and remade every other day.  
Separate solutions were made containing the following; Solution A: 200. µM 
NaHCO3 and 50.0 µM Terephthalic Acid, Solution B: 1.73 mM NaHCO3 and 50.0 µM 
Terephthalic Acid, Solution C: 621 mM NaCl, 0.48 µM NaI, 0.87 mM NaHCO3, and 
50.0 µM Terephthalic Acid. 
A 7.50 mM stock solution of FeCl2 was prepared in boiled, degassed 18 MΩ 
deionized water (99.999% N2). This solution was then stored in the dark with a 
continuous slow N2 purge. The Fe(II) solution was standardized prior to each 
experimental run using a modified version of the Stookey- ferrozine method.79 Individual 
solutions of each experimental condition ranging from pH 3.00, 5.00, and 7.00 were 
prepared with all factors save Fe(II). The solutions were equilibrated with air for 5 min 
prior to the addition of Fe(II). All experiments were performed at a temperature of  25.0 
°C. Solution pH was adjusted with dilute HCl or NaOH to a final value of 3.00, 5.00, and 
7.00 ± 0.03 (Thermo Scientific Orion-5 star pH/RDO/conductivity portable meter and a 
Thermo Scientific Orion 9165 BNWP high ionic strength pH probe). Due to the wide 
range of ionic strengths of the individual solutions, pH electrode responses were 
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calibrated as a function of ionic strength by use of sodium chloride adjusted buffers. 
Fe(II) was then added to achieve nominal initial concentrations of 25.0, 75.0, and 150. 
µM. All samples were handled in the dark. 
The pH of these solutions was adjusted to 3.00, 5.00, and 7.00 using hydrochloric 
acid and sodium hydroxide. Three replicate analyses were performed for each 
experiment.  Aliquots of the solution were periodically withdrawn and placed into pre-
loaded vials containing methanol. 
Terephthalic acid, (TPA) shows no significant reactivity with any of the other 
ROS species produced by the autoxidation of Fe(II) 124-128. TPA reacts with hydroxyl 
radical to produce 2-hydroxyterephthalic acid (HOTPA). HOTPA was quantified using 
the Spectramax M5 plate reader. HOTPA samples were loaded into a Hellma 96-well 
quartz cuvette and were quantified fluorimetrically. The excitation wavelength was set to 
310 nm and the emission wavelength was set to 420 nm. A calibration curve was used to 
quantify the HOTPA samples. The calibration standards were made in the same solutions 
that were used to oxidize Fe(II) and were pH adjusted to account for different speciation 
of HOTPA (Supplemental figures 3.15-3.18).  
The chosen solution conditions bracket the environmental conditions studied at 
the Baruch Institute. Table 3.1 gives the solution conditions. TPA is a used as an in situ 
probe for quantifying hydroxyl radical. It has a statistically insignificant effect on the net 
iron oxidation rate at the 95% confidence level (0.89 (±0. 35) x 10-2 s-1 in the presence of 
TPA and 1.35 (± 0.82) x 10-2 s-1 in the absence of TPA (Supplemental figures 3.19-
3.20).The only product of this reaction is 2-hydroxyterephthalic acid, HOTPA. The ferryl 
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ion is also capable of hydroxylating terephthalic acid, thus yielding the same reaction 
products as the hydroxyl radical figure 3.5.  
Table 3.1: Experimental conditions and analytes monitored in this study 
 
  Conditions  Initial Fe(II) and pH 
A 200 µM total HCO3
-
 ,  
50 µM 2-Hydroxyterephthalic acid 
25, 75, 150 µM at pH 3,5,7 
B 1.73mM total HCO3
-
 ,  
50 µM 2-Hydroxyterephthalic acid 
25, 75, 150 µM at pH 3,5,7 
C 621 mM Cl-,  
0.48 µM I-,  
0.87mM total HCO3
-
 ,  
50 µM 2-Hydroxyterephthalic acid 
25, 75, 150 µM at pH 3,5,7 
 
3.4 RESULTS AND DISCUSSION  
Net Fe(II) oxidation was negligible in the acidic solution conditions. Fe(II) 
oxidation proceeded more rapidly at pH 7 in all solutions ( Figures 3.48-3.74). HOTPA 
was produced in all conditions tested, which indicated secondary oxidants (either HO or 
Fe(IV) . Figures 3.6 and 3.7 show the Fe(II) oxidation over time and the same data 
transformed as a normalized natural log. Figure 3.8 shows HOTPA production with time 
when Fe(II) oxidation was initiated in a solution of 200. µM NaHCO3 and 50.0 µM TPA. 
The effect of ionic strength was determined by estimating for the activity 
coefficients for the reactants. The Davies equation (equation 3.10) was employed to 
determine the activity coefficient, γ, for the ferryl and terephthalic acid ions in the 
different solutions.   
−log PQ =	0.511ZQ	  √1 + √ − 0.2 
(3.10) 
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Where Z is the charge on the ion of interest and I is the ionic strength of the 
solution. 
 
 
 
 
  
Spike in Fe(II)aq stock solution 
Quench 
samples with 
Ferrozine 
 
Plate reader 
 ex: 310 nm em: 420 
nm 
Quench 
samples with 
methanol 
 
 
Plate reader 
abs: 562 nm 
Periodically 
withdraw 
Periodically 
withdraw 
Aerate solution by stirring 
Oxygen saturated simulated 
seawater solution 
Figure 3.4: Samples were periodically withdrawn from the solution and quenched. 
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Figure.3.5: Terephthalic acid hydroxylation. HOTPA is the only product formed when 
TPA is oxidized by hydroxyl radical or ferryl ion.116 
 
There are two relevant forms of the ferryl ion to consider, [Fe(IV)(OH)2]
2+ and 
[Fe(IV)(OH)3]
+. The pKa of the ferryl ion is 2.0, at pH 3 [Fe(IV)(OH)2]
2+ accounts for 9% 
of the ferryl species and that percentage decreases as pH increases (Figure 3.9).118 This 
means [Fe (IV)(OH)3]
+ is the ferryl species likely to be the responsible oxidant in 
relevant environmental conditions. Fe(IV) and [Fe(IV)(OH)2]
2+  are more susceptible to 
ionic strength differences and therefore less likely to oxidize TPA as the ionic strength 
increases. Therefore, we will consider only [Fe (IV)(OH)3]
+ going forward.   
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Figure 3.6: Autoxidation of Fe(II) over time. Solution conditions: 200 µM NaHCO3, 50 
µM  TPA and 75 µM Fe(II) initially at pH 7. N=1 for each trial. 
 
 
Figure 3.7: Fe(II) oxidation transformed as a normalized natural log with 200 µM 
NaHCO3, 50 µM  TPA and 75 µM Fe(II) initially at pH 7. N=1 for each trial. 
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Figure 3.8: HOTPA produced during the autoxidation of Fe(II) in a solution of 200 µM 
NaHCO3, 50 µM  TPA and 75 µM Fe(II) initially at pH 7. N=1 for each trial.  
 
Figure 3.9: Ferryl ion speciation as a function of pH.  The hexaaquo and pentaaquo 
species of ferryl are strong acids that dissociate completely in water. 
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The activity coefficients for aqueous ions approach unity at low ionic strengths. 
The ratio of the activity coefficients for the ferryl ion in each solution against the solution 
with the lowest ionic strength provides a model for the change expected if the ferryl ion is 
the primary oxidant. Salt effects would cause this ratio to decrease as ionic strength 
increases if the ferryl ion is responsible for TPA oxidation in our solutions. Table 3.2 
gives the ratios for the different forms of the ferryl ion at each of the pH values measured.  
The yield of HOTPA should decrease drastically as the ionic strength of the 
solution increases. At the pH values tested [Fe(IV)(OH)3]
+ is the predominant form of the 
ferryl ion. Figures 3.10-3.12 show the ratio of HOTPA produced plotted against the -log 
of ionic strength. The blue line on each graph shows the ratio for each solution condition 
if ferryl ion is the oxidant responsible for TPA oxidation. 
3.5 CONCLUSIONS 
The amount of HOTPA produced in high ionic strength systems is greater than 
that produced in the low ionic strength solutions. This is the inverse of what we would 
expect if the ferryl ion were the oxidant responsible for TPA oxidation. The ratio of 
HOTPA would decrease as the ionic strength increased if the ferryl ion were oxidizing 
TPA.  At pH 3 and 5 for all three initial Fe(II) values the ratio of HOTPA produced as the 
ionic strength increases is higher than what would be possible if the ferryl ion were the 
oxidant (appendix figure). Cumulatively, these results do not exclude the presence of Fe 
(IV), but they do exclude its role as a primary oxidant of TPA under many of our 
conditions. Therefore, it is not likely to be the primary oxidant responsible for the 
oxidation of reduced organic carbon when the Fenton reaction occurs at the interface of 
ground and seawater mixing.  
.
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Table 3.2 The activity coefficient ratios for each of the ferryl ion species at the pH values 
measured.  
 
[Fe(IV)(OH)3]
+ [Fe(IV)(OH)2]
2+ Fe4+ 
p(µ)  pH 3 pH 5 pH 7 pH 3 pH 5 pH 7 pH 3 pH 5 pH 7 
A 4.00 1.00 1.00 1.00 1.00 1.00 1.00 1.00 1.00 1.00 
B 3.06 0.98 0.98 0.97 0.92 0.92 0.89 0.71 0.70 0.63 
C 0.21 0.70 0.70 0.70 0.24 0.24 0.24 0.00 0.00 0.00 
 
 
Figure 3.10: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions 
at pH 7 with an initial Fe(II) concentration of 25 µM. 
 
This does not explain the observed decrease in oxidation products as the pH 
increases.111, 116 That effect could be due to a decrease in the solubility of many Fe salts 
used in the Fenton reaction .84 Another possible explanation is that the pathway via which 
H2O2 is produced changes. The relative importance of equations 3.10-3.13 changes with 
the availability of protons. Under our pH range it would be expected that the 
hydroperoxyl radical would dominate the outcome from acidic conditions to pH 4.8, 
which corresponds to the pKa of the hydroperoxyl radical ion. At that pH the superoxide 
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ion becomes the dominant species and equation 12 grows in importance to the oxidation 
of TPA (Figure 3.13). Since H2O2 is necessary to the formation of hydroxyl radical, this 
explains the decrease in oxidation products at increasing pH values. 
 
 +		•		 ⇌			 +	 				                              k11 = 1.0*107 M-1s-1 (3.10) 
	• + 	• 		⇌ 				 + 	                                           k12 = 8.6*105 M-1s-1 (3.11) 
	• + 	• 		⇌ 				 + 	                                            k13 = 1.02*108 M-1s-1 (3.12) 
	• + 	• 		⇌ 				 + 	                                             k14 = 0.35 M-1s-1 (3.13) 
 
 
Figure 3.11: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions at 
pH 7 with an initial Fe(II) concentration of 75 µM. 
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Figure 3.12: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions 
with an initial Fe(II) concentration of 150 µM. 
 
 
Figure 3.13: Speciation of the hydroperoxyl radical and its conjugate base, superoxide, as 
a function of pH 
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3.6 SUPPLEMENTAL DATA  
2-Hydroxyterephthalic acid, HOTPA, was synthesized following a scaled down 
version of the methods of Field et. al, 129 Miura et. al. 130 and Yan et al.131  
All water used in this synthesis was 18 MΩ deionized water obtained from a 
Barnstead E-pure water treatment system.  2-Bromoterephthalic acid (95%) manufactured 
by Acros Organics was obtained from Fisher Scientific. Anhydrous sodium acetate 
(≥99.0%) was obtained from Sigma Aldrich. Copper powder (-40 + 100 mesh, 99.5% 
metals basis) was obtained from Alfa Aesar. Phenolphthalein (1% in ethanol) was 
obtained from Sigma Aldrich. ACS grade hydrochloric acid and ACS grade sodium 
hydroxide manufactured by BDH chemicals were obtained from VWR.  Potassium 
Hydroxide manufactured by BDH chemicals was obtained from VWR.  
2.00 g of 2-bromoterephthalic acid, and 0.653 g of sodium hydroxide were 
dissolved in 38 mL of water. 1.48 g of sodium acetate, 10.4 mg of copper powder, and a 
few drops of phenolphthalein indicator were added to the mixture.  The solution was 
heated to reflux and stirred for 72 hours. 10% potassium hydroxide was occasionally 
added to the solution to keep it alkaline. The reaction progress was monitored via thin 
layer chromatography (TLC).  
The mixture was cooled to room temperature and filtered. The filtrate was 
acidified with 10% hydrochloric acid to precipitate the 2-hydroxyterephthalic acid 
product. The precipitate was collected by vacuum filtration and washed with water. The 
product was dried and characterized via 1H NMR (Figure 1).  
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Figure 3.14: 1H NMR spectra of the starting material, 2-bromoterephthalic acid (a), and the product, 2-hydroxyterephthalic 
acid (b).
(a) 
(b) 
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Figure 3.15: 2-Hydroxyterephtalic acid calibration curve in the presence of 621 mM Cl-, 
0.48 µM I-, and 0.87mM total HCO3
- at pH 3,4,5,6,7 and 8. 
 
 
Figure 3.16: 2-Hydroxyterephtalic acid calibration curve in the presence of 621 mM Cl-, 
209 µM Br-, 0.48 µM I-, and 0.87mM total HCO3
- at pH 3,4,5,6,7 and 8.  
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Figure 3.17: 2-Hydroxyterephtalic acid calibration curve in the presence of 621 mM Cl-, 
0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM at pH 3,4,5,6,7 and 8. 
 
 
Figure 3.18: 2-Hydroxyterephtalic acid calibration curve in the presence of 621 mM Cl-, 
209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM at pH 3,4,5,6,7 and 
8. 
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Figure 3.19: Fe (II) oxidation in O2 saturated solutions at pH 8. Conditions: 50 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.20: Fe (II) oxidation in O2 saturated solutions at pH 8. Conditions: 50 µM Fe 
(II), 1.73 mM total HCO3
-. N=1 for each trial. 
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Figure 3.21: HOTPA produced concurrently with Fe (II) oxidation at pH 3. Conditions: 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87 mM total HCO3
-, 50 µM 2-
Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.22: HOTPA produced concurrently with Fe (II) oxidation at pH 3. Conditions: 
75 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87 mM total HCO3
-, 50 µM 2-
Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.23: HOTPA produced concurrently with Fe (II) oxidation at pH 3. Conditions: 
150 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87 mM total HCO3
-, 50 µM 2-
Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.24: HOTPA produced concurrently with Fe (II) oxidation at pH 5. Conditions: 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87 mM total HCO3
-, 50 µM 2-
Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.25: HOTPA produced concurrently with Fe (II) oxidation at pH 5. Conditions: 
75 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87 mM total HCO3
-, 50 µM 2-
Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.26: HOTPA produced concurrently with Fe (II) oxidation at pH 5. Conditions: 
150 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87 mM total HCO3
-, 50 µM 2-
Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.27: HOTPA produced concurrently with Fe (II) oxidation at pH 7. Conditions: 
25 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87 mM total HCO3
-, 50 µM 2-
Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.28: HOTPA produced concurrently with Fe (II) oxidation at pH 7. Conditions: 
75 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87 mM total HCO3
-, 50 µM 2-
Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.29: HOTPA produced concurrently with Fe (II) oxidation at pH 7. Conditions: 
150 µM Fe (II), 621 mM Cl-, 0.48 µM I-, 0.87 mM total HCO3
-, 50 µM 2-
Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.30: HOTPA produced concurrently with Fe (II) oxidation at pH 3. Conditions: 
25 µM Fe (II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
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Figure 3.31: HOTPA produced concurrently with Fe (II) oxidation at pH 3. Conditions: 
75 µM Fe (II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
 
 
Figure 3.32: HOTPA produced concurrently with Fe (II) oxidation at pH 3. Conditions: 
150 µM Fe (II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
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Figure 3.33: HOTPA produced concurrently with Fe (II) oxidation at pH 5. Conditions: 
25 µM Fe (II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
 
 
Figure 3.34 HOTPA produced concurrently with Fe (II) oxidation at pH 5. Conditions: 
75 µM Fe (II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
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Figure 3.35: HOTPA produced concurrently with Fe (II) oxidation at pH 5. Conditions: 
150 µM Fe (II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
 
 
Figure 3.36: HOTPA produced concurrently with Fe (II) oxidation at pH 7. Conditions: 
25 µM Fe (II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
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Figure 3.37: HOTPA produced concurrently with Fe (II) oxidation at pH 7. Conditions: 
75 µM Fe (II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
 
 
Figure 3.38: HOTPA produced concurrently with Fe (II) oxidation at pH 7. Conditions: 
150 µM Fe (II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
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Figure 3.39: HOTPA produced concurrently with Fe (II) oxidation at pH 3. Conditions: 
25 µM Fe (II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
 
 
Figure 3.40: HOTPA produced concurrently with Fe (II) oxidation at pH 3. Conditions: 
75 µM Fe (II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
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Figure 3.41: HOTPA produced concurrently with Fe (II) oxidation at pH 3. Conditions: 
150 µM Fe (II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
 
 
Figure 3.42: HOTPA produced concurrently with Fe (II) oxidation at pH 5. Conditions: 
25 µM Fe (II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
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Figure 3.43: HOTPA produced concurrently with Fe (II) oxidation at pH 5. Conditions: 
75 µM Fe (II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
 
 
Figure 3.44: HOTPA produced concurrently with Fe (II) oxidation at pH 5. Conditions: 
150 µM Fe (II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
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Figure 3.45: HOTPA produced concurrently with Fe (II) oxidation at pH 7. Conditions: 
25 µM Fe (II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
 
 
Figure 3.46: HOTPA produced concurrently with Fe (II) oxidation at pH 7. Conditions: 
75 µM Fe (II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
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Figure 3.47: HOTPA produced concurrently with Fe (II) oxidation at pH 7. Conditions: 
150 µM Fe (II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each 
trial. 
 
 
Figure 3.48: Fe (II) oxidation in O2 saturated solutions at pH 3. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. 
N=1 for each trial. 
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Figure 3.49: Fe (II) oxidation in O2 saturated solutions at pH 3. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. 
N=1 for each trial. 
s 
 
Figure 3.50: Fe (II) oxidation in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. 
N=1 for each trial. 
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Figure 3.51: Fe (II) oxidation in O2 saturated solutions at pH 5. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. 
N=1 for each trial. 
 
 
Figure 3.52: Fe (II) oxidation in O2 saturated solutions at pH 5. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. 
N=1 for each trial. 
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Figure 3.53: Fe (II) oxidation in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. 
N=1 for each trial. 
 
 
Figure 3.54: Fe (II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. 
N=1 for each trial. 
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Figure 3.55: Fe (II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. 
N=1 for each trial. 
 
 
Figure 3.56: Fe (II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. 
N=1 for each trial. 
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Figure 3.57: Fe (II) oxidation in O2 saturated solutions at pH 3. Conditions: 25 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.58: Fe (II) oxidation in O2 saturated solutions at pH 3. Conditions: 75 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.59: Fe (II) oxidation in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.60: Fe (II) oxidation in O2 saturated solutions at pH 5. Conditions: 25 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.61: Fe (II) oxidation in O2 saturated solutions at pH 5. Conditions: 75 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.62: Fe (II) oxidation in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.63: Fe (II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.64: Fe (II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.65: Fe (II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 1.73 mM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.66: Fe (II) oxidation in O2 saturated solutions at pH 3. Conditions: 25 µM Fe 
(II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.67: Fe (II) oxidation in O2 saturated solutions at pH 3. Conditions: 75 µM Fe 
(II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.68: Fe (II) oxidation in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.69: Fe (II) oxidation in O2 saturated solutions at pH 5. Conditions: 25 µM Fe 
(II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.70: Fe (II) oxidation in O2 saturated solutions at pH 5. Conditions: 75 µM Fe 
(II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
츰;
 
147 
 
Figure 3.71: Fe (II) oxidation in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.72: Fe (II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.73: Fe (II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 3.74: Fe (II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 200 µM total HCO3
-, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 3.75: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions. 
Conditions: pH 3, 25 µM Fe (II)init,  
 
 
Figure 3.76: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions. 
Conditions: pH 3, 75 µM Fe (II)init,  
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Figure 3.77: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions. 
Conditions: pH 3, 150 µM Fe (II)init,  
 
 
Figure 3.78: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions. 
Conditions: pH 5, 25 µM Fe (II)init,  
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Figure 3.79: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions. 
Conditions: pH 5, 75 µM Fe (II)init,  
 
 
Figure 3.80: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions. 
Conditions: pH 5, 150 µM Fe (II)init,  
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Figure 3.81: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions. 
Conditions: pH 7, 25 µM Fe (II)init,  
 
 
Figure 3.82: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions. 
Conditions: pH 7, 75 µM Fe (II)init,  
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Figure 3.83: The ratio of HOTPA produced in the different ionic strength solutions vs 
p(µ) overlaid with the ratio of γFe(IV) calculated for the different ionic strength solutions. 
Conditions: pH 7, 150 µM Fe (II)init, 
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CHAPTER 4 
THE ROLE OF ELECTRON DONORS IN DETERMINING HO YIELD DURING FE(II) AUTOXIDATION 
4.1 ABSTRACT 
The Fe(II) oxidation rate is influenced by many factors. Since Fe(II) oxidation leads to 
the production of hydroxyl radical via hydrogen peroxide, Factors that affect Fe(II) 
oxidation rate will also affect concentration and rate of production of hydroxyl radical 
observed in the system. We tested this hypothesis in simulated natural waters using 
terephthalic acid as a probe molecule for hydroxyl radical at pH 3.00-8.00, with initial 
Fe(II) concentrations of 25.0, 75.0, and 150. µM in the presence and absence of Br- and 
NOM. Fe(II) oxidation rate increased as the pH of the solution increased. Hydroxyl 
radical production was highest at acidic pH values. We found the highest concentration of 
hydroxyl radical in solutions with Br- present. Br- facilitates the conversion of H2O2 to 
hydroxyl radical likely as a result of Le Chatelier’s principle.  
4.2 INTRODUCTION 
Biogeochemical processes result in the formation of conditions that moderate the 
kinetics of oxygen driven oxidations in the natural environment. 132 Characterization of 
marshes show transient conditions that force rapid mixing of anoxic, Fe(II) rich water 
with oxic overlying water.45, 46, 48, 133   
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This mixing has been demonstrated to lead to the formation of HO, a non-
selective oxidant. 16, 83, 84, 134, 135 Microbial diagenesis is a major player directly supporting 
Fe(II) production but abiotic systems are also capable of Fe(III) reduction. 24, 29, 30, 53-66  
Notably, some forms of organic carbon (e.g. ascorbic acid, gallic acid) or inorganic 
species (hydroxylamine or sulfides) can reduce Fe (III) to Fe(II) rapidly.62, 64, 66, 136 Not all 
of these rates have been unambiguously determined,  but at the concentrations these 
species are found at in marshes these reactions may proceed with half-lives on the 
timescale of tide cycles or less, making them potentially significant as indirect HO 
sources.  In this case the exact half-lives under environmental conditions are not known 
but they are known to be less than six hours.  Thus, they may also be significant for their 
impact as H2O2 sources, with the understanding that the Fe cycle figure 4.1 leads from 
peroxide to HO. 
The autoxidation of Fe(II) to Fe (III) in the presence of excess oxygen yields 
superoxide or hydroperoxyl radical depending on the pH of the solution (equation 4.1). 
Hydrogen peroxide is produced by the dismutation of the hydroperoxyl/superoxide 
radical and also by oxidation of Fe(II) by the hydroperoxyl/superoxide radical (equations 
4.2-4.5). The Fenton reaction ultimately produces the hydroxyl radical (equation 4.6)102-
104.  
The Fe(II) oxidation rate is influenced by many factors. 36, 37, 72, 137 Since Fe(II) 
oxidation leads to the production of hydroxyl radical via hydrogen peroxide, I 
hypothesize factors that affect Fe(II) oxidation rate will also affect concentration and rate 
of production of hydroxyl radical observed in the system. In chapter 2, we examined the 
effects of NOM and Br- on the production of H2O2. 
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Figure 4.1: Fe oxidation in natural waters leads to the production of reactive oxygen 
species.    
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While NOM is capable of stabilizing Fe(II) during its oxidation by H2O2, we 
observed rapid Fe(II) consumption and rapid H2O2 production when NOM was present.
75 
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This indicated that NOM was acting as an oxidant in this system.  Bromide alone had no 
significant impact on the amount of H2O2 produced, but Br- and NOM together resulted 
in the highest peroxide maximum concentration. In this chapter we will examine the role 
of Br- and NOM in the production of hydroxyl radical subsequent to Fe(II) autoxidation 
and we will examine hydrogen peroxide as a source for hydroxyl radical.  
4.3 METHODS 
Scheme 4.1 details the experimental procedure. Anhydrous iron (II) chloride 
(99.5% metals basis) and 5,6-Diphenyl-3-(2-pyridyl)-1,2,4-triazine-4,4"-disulfonic acid 
monosodium salt hydrate, ferrozine, ( 97%) were obtained from Alfa Aesar. Reagent 
grade iron (III) chloride hexahydrate (≥ 98%), terephthalic acid (98%), peroxidase from 
horseradish type II (99.9% 150-250 units/mg), and catalase from bovine liver (2000-5000 
units/mg) were obtained from Sigma Aldrich. Ammonium acetate (97%), sodium 
bicarbonate (99.7%), and ACS grade hydrochloric acid and ACS grade sodium hydroxide 
that were manufactured by BDH chemicals were obtained from VWR.  
Diethylenetriamine pentaacetic acid (98.7%) was obtained from ACROS organics. 
Methanol (certified ACS), sodium chloride (99.9% certified ACS), sodium iodide 
(certified ACS), sodium bromide (99.9% certified ACS), and pH 4.00, 7.00 and 10.0 
buffers were all obtained from Fisher Scientific. Suwannee River natural organic matter, 
SRNOM, was obtained from the International Humic Substances Society. Monobasic and 
dibasic sodium phosphate (≥ 99%) were obtained from Mallinckrodt Baker. Dimethyl 
sulfoxide was obtained from Macron Fine Chemicals. Amplex Red was obtained from 
American Advanced Scientific. 
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7.50 mM stock solution of FeCl2 was prepared in boiled, degassed 18 MΩ 
deionized water (99.999% N2). This solution was then stored in the dark with a 
continuous slow N2 purge. The Fe(II) solution was  standardized prior to each 
experimental run using a modified version of the Stookey- ferrozine method.79 Individual 
solutions of each experimental condition ranging from pH 3.00-8.00 were prepared with 
all factors save Fe(II). The solutions were equilibrated with air for 5 min prior to the 
addition of Fe(II). All experiments were performed at a temperature of about 25 °C. Prior 
to oxidation, solution pH was adjusted with dilute HCl or NaOH to a final value of 3.00, 
4.00,5.00, 6.00, 7.00, and 8.00 ± 0.03 (Thermo Scientific Orion-5 star 
pH/RDO/conductivity portable meter and a Thermo Scientific Orion 9165 BNWP high 
ionic strength pH probe). Due to the wide range of ionic strengths of the individual 
solutions, pH electrode responses were calibrated as a function of ionic strength by use of 
NaCl adjusted buffers. Fe(II) was then added to achieve nominal initial concentrations of 
25.0, 75.0, and 150. µM. All samples were handled in the dark. Three replicate analyses 
were performed for each experiment. 
Aliquots were withdrawn as a function of time and the reaction was quenched by 
addition to a receiving vial. 1.00 mL Fe samples were added to receiving vials pre-loaded 
with 0.10 mL of a ferrozine (0.01 M) and ammonium acetate (0.10 M) solution. Since 
SRNOM is capable of reducing Fe (III) 0.50 mL of DTPA was subsequently added to all 
Fe samples containing SRNOM. 1.00 mL aliquots of 2-hydroxyterephthalic acid samples 
were added to vials pre-loaded with 0.20 mL of methanol. 1 mL aliquots of hydrogen 
peroxide samples were added to vials pre-loaded with 0.50 mL of the DTPA solution.  
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Each of the iron samples were then transferred to a single well of a 96-well Zinsser glass 
plate and diluted if necessary. The absorbance of individual wells was measured at 562 
nm on a SpectramaxM5 plate reader. Fe(II) blanks were taken by adding stock solutions 
to FerroZine via an identical approach; no background Fe(II) was detected in any 
solutions to the detection limit of the method (3.00 µM). 
The 2-hydroxyterephthalic acid was synthesized and characterized (Appendix B) 
for use a calibration standard. HOTPA was quantified fluorimetrically using the 
Spectramax M5 plate reader. HOTPA samples were loaded into a single well of a Hellma 
96-well quartz plate. The excitation wavelength was set to 310 nm and the emission 
wavelength was set to 420 nm. A calibration curve was used to quantify the HOTPA 
samples. The calibration standards were made in the same solutions representing the 
experimental conditions of this paper at pH 3.00-8.00. HOTPA blanks were taken by 
adding stock solutions to methanol.  
4.4 RESULTS AND DISCUSSION 
Hydroxyl radical is an unselective oxidant that reacts at nearly diffusion 
controlled rates. As such it will not only react with TPA, but also with many of the other 
solution components. Equation 4.7 was used to determine the percentage of HO· that 
would react with any scavenger in the system.   
%	\/(])^	_`	\ = 	 $·,b[ ·][\]∑$·,def[ ·][\] 
(4.7) 
Where, S is a hydroxyl radical scavenger. Since [HO] is a common term, it divides out of 
the equation. To calculate the percent of HO that was scavenged by TPA, equation 4.8 
was employed.  
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The percent HO scavenged by TPA, was then used to determine total moles of 
HO produced by the system (equation 4.9): 
[ghi] 	= %		*/(])^	_`	ghi ∗ [ ·]!!kl (4.9) 
	\/(])^	_`	ghi = 	$·,def[ghi]m  
m =	$·,def[ghi] + $·,n GG[] + $·,opq[45] + $·,opq[45	]
+ $·,olq[4r] + $·,Gq[] +	$·,s+q[t-] + $·,uv[wx] 
Spike in Fe(II)aq stock solution 
Quench 
samples with 
Ferrozine 
 
Quench 
samples with 
methanol 
 
 
Plate reader 
 ex: 310 nm em: 420 nm 
Plate reader 
abs: 562 nm 
Periodically 
withdraw 
Periodically 
withdraw 
Aerate solution by stirring 
Oxygen saturated simulated 
seawater solution 
Scheme 4.1: Experimental scheme detailing how samples were periodically 
withdrawn from the and quenched 
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Equation 4.8 was used to calculate the percent of HO that TPA scavenged   
Upon exposure to atmospheric oxygen at neutral pH values Fe(II) is rapidly 
oxidized figure 4.2 (Supplemental figures 4.10-4.81).  The oxidation of Fe(II) is 
considerably slower in acidic solutions (Figures 4.4a-c ). This is not surprising given that 
the redox chemistry of Fe is pH dependent. Fe oxidation was transformed as a normalized 
natural log, figure 4.3.   
Iron oxidation was repeated for pH values 3-8 with initial Fe(II) concentrations of 
25.0, 75.0, and 150. µM figure 4.4.  There was no significant difference in the net 
oxidation rate of Fe(II) for any of the solution conditions across pH 3.00-6.00. The 
oxidation rate for all solution conditions increases at pH values 7.00 and 8.00, figure 4.4. 
Figure 4.2: Fe(II) oxidized over time in the presence of atmospheric oxygen. Conditions: 
75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid in pH 8 solution. N=1 for each trial. 
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Figure 4.3: Iron (II) oxidation was transformed as a normalized natural log. Conditions: 
75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L 
SRNOM, and 50 µM 2-Hydroxyterephthalic acid in pH 8 solution. N=1 for each trial. 
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Figure 4.4: Fe(II) oxidation rates modeled as a first order process with an initial Fe(II) 
concentration of a) 25 µM b) 75 µM and c) 150 µM. Solution composition A: 621 mM 
Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 0 mg C/L SRNOM, and 50 µM 
HOTPA; B: 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 0 mg C/L 
SRNOM, and 50 µM HOTPA; C: 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM 
Br-, 12.8 mg C/L SRNOM, and 50 µM HOTPA; D: 621 mM Cl-, 0.48 µM I-, 0.87mM 
total HCO3
-
 , 209 µM Br
-, 12.8 mg C/L SRNOM, and 50 µM HOTPA 
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The observed Fe(II) oxidation rates were influenced by the pH, solution 
conditions, and initial Fe(II) concentrations. The rate of Fe(II) oxidation increases with 
increasing pH and decreasing initial Fe(II) values. This is in keeping with previous 
findings about the nature of the Fe(II) oxidation process in similar Fenton-like systems.36 
The Fe oxidation rate for the condition with Br- and NOM is significantly faster than the 
other conditions at pH 7.00 with an initial Fe concentration of 25.0 µM and 75.0 µM 
Fe(II). When the initial Fe(II) concentration increases to 150. µM, the difference between 
the oxidation rates for Fe(II) in all conditions at pH 7.00 and pH 8.00 decreases too. At 
pH 8.00 for all initial Fe(II) values the oxidation rate for Fe(II) decreases when NOM or 
Br- is added to the solution; however the oxidation rate for the solution condition with 
both present is the fastest of the four conditions tested. These results are in keeping with 
previous findings about the effect of Br- and NOM on Fe(II) net oxidation. 72 
Fe(II) oxidation leads to H2O2 production. H2O2 reacts with Fe(II) to make the 
hydroxyl radical. Therefore, Br- and NOM could have direct and indirect effects on 
hydroxyl radical production. We also studied the effects of these naturally occurring 
electron donors on hydroxyl radical production. Figure 4.5 shows HO production over 
time. Figure 4.6 shows HO transformed as a normalized natural log. Figure 4.7 shows the 
HO production across all of the pH values studies in all solution conditions. 
Terephthalic acid was converted to 2-hydroxyterephthalic acid during net Fe 
oxidation. The concentration of 2-hydroxyterephthalic acid was monitored during the 
course of the oxidation, figure 4.5. 
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Figure 4.5: Concentration of 2-hydroxyterephthalic acid during the autoxidation of Fe(II). 
Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 
12.8 mg C/L SRNOM, and 50 µM 2-Hydroxyterephthalic acid in pH 7 solution. N=1 for 
each trial. 
 
 
Figure 4.6: Concentration of 2-hydroxyterephthalic acid transformed as a normalized 
natural log. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM 
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total HCO3
-, 12.8 mg C/L SRNOM, and 50 µM 2-Hydroxyterephthalic acid in pH 7 
solution. N=1 for each trial. 
 
The HOTPA concentration increased as the oxidation proceeded. The production 
of 2-hydroxyterephthalic acid was robust in acidic pH conditions. Across pH values 6.00-
8.00, for all of the initial Fe(II) concentrations there is no significant difference in the 
production of 2-hydroxyterephthalic acid amongst the different solution conditions. This 
is in keeping with previous observations about HO production during the Fenton reaction. 
16, 111, 115, 116, 138-140 The reasons for the observed pH dependence on HO production have 
been discussed in chapter three  
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Figure 4.7: Amount of hydroxyl radical produced in each condition across all pH values, 
with initial Fe(II) concentrations of a) 25 µM b) 75 µM and c) 150 µM. Solution 
Composition A: 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 0 mg C/L 
SRNOM, and 50 µM HOTPA; B: 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 
µM Br-, 0 mg C/L SRNOM, and 50 µM HOTPA; C: 621 mM Cl-, 0.48 µM I-, 0.87mM 
total HCO3
-
 , 0 µM Br
-, 12.8 mg C/L SRNOM, and 50 µM HOTPA; D: 621 mM Cl-, 0.48 
µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 12.8 mg C/L SRNOM, and 50 µM HOTPA 
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At pH value 3.00-5.00, the concentration of HOTPA increases as NOM and Br- 
are added to the system. Even though Br- is known to scavenge hydroxyl radical, the 
greatest HOTPA concentration is observed in conditions where Br- is present. Br- has 
been shown to increase the number of times Fe cycles, while simultaneously not affecting 
the Fe oxidation rate. 72 Bromide does not cause a corresponding increase in H2O2 
concentrations. Given that the H2O2 produced in this system goes on to make hydroxyl 
radical it is clear that Br- makes the conversion from H2O2 to HO more efficient. The flat 
H2O2 concentration observed in the presence of Br- does not reflect low H2O2 
concentration, but rather the H2O2 produced in the system is more rapidly converted to 
HO than it is in systems where Br- is not present. This could occur because of Le 
Chatelier's principle. By scavenging HO· bromide is moving the equilibrium of equation 
4.6 to the right. Thus more peroxide is consumed and more peroxide consumption would 
also move the equilibrium of equations 4.2-4.5 to the right as well.    
We also see an increase in HO· production with increasing initial Fe(II). In 
chapter 2, NOM was shown to be a source of H2O2. As the amount of initial Fe(II) 
increased, the peroxide maximum decreased. We see a similar effect on the HO·, as the 
amount of initial Fe(II) increases the amount of HO· decreases. The decrease in products 
with increasing initial Fe(II) is consistent with superoxide mediated oxidation of NOM. 
Our increase in Fe(II)init corresponds with an increase in superoxide.  This would lead to 
more NOM being oxidized in our system. Oxidized NOM has been shown to produce 
less H2O2 than reduced organic matter.
81 . This also points to H2O2 as a source for HO· in 
this system. Br- and NOM together increased H2O2 production and corresponded with an 
increase in HOTPA production. Bromide has been shown to catalytically decompose 
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H2O2 In the presence of organometallic compounds. 
76, 141, 142 With NOM acting as a 
source for H2O2, an Fe-NOM complex could facilitate the decomposition of H2O2 in a 
solution with both Br- and NOM present.  
We examined the extent to which H2O2 serves as a source of HO· in these 
solutions by comparing the rate of H2O2 consumption to the rate of HOTPA formation 
(Not all of our H2O2 samples reached a maximum when the initial Fe(II) concentration 
exceeded 25.0 µM, so only the data from the 25.0 µM initial Fe(II) concentration 
experiments was used). Hydrogen peroxide consumption rate closely matches the 
HOTPA formation rate only in solutions where bromide is present, (Figure 4.8). In the 
solutions where Br- is not present, HO is not the primary sink for H2O2.  Bromide makes 
the conversion from H2O2 to HO· more efficient. 
 
Figure 4.8: Ratio of hydrogen peroxide consumption rate to HOTPA formation rate. 
Solution composition A: 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 0 µM Br
-, 0 mg 
C/L SRNOM, and 50 µM HOTPA; B: 621 mM Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 
209 µM Br-, 0 mg C/L SRNOM, and 50 µM HOTPA; C: 621 mM Cl-, 0.48 µM I-, 
0.87mM total HCO3
-
 , 0 µM Br
-, 12.8 mg C/L SRNOM, and 50 µM HOTPA; D: 621 mM 
Cl-, 0.48 µM I-, 0.87mM total HCO3
-
 , 209 µM Br
-, 12.8 mg C/L SRNOM, and 50 µM 
HOTPA 
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The sum of the concentration of HOTPA produced individually by bromide and 
NOM is indistinguishable at the 95% confidence interval from the amount of HOTPA 
produced by the bromide and NOM together, figure 4.9. Thus the effects of Br- and 
NOM individually are additive. 
4.5 CONCLUSIONS 
The chemical signatures of human activity and natural biogeochemical processes 
are ubiquitous.  The resultant proliferation of organic contaminants poses a threat to 
earth’s atmosphere, hydrosphere, and biosphere. Understanding how these organic 
contaminants subsequently interact with the geochemical constituents on earth will allow 
for accurate determination of the ultimate fate of these contaminants. These experiments 
represent necessary efforts to evaluate natural attenuation by complex geochemical 
processes. The work featured in this study will strengthen models used to predict natural 
attenuation. This study also enumerates some of the geochemical factors that are capable 
of enhancing (promoting) organic contaminant reduction. Naturally there are also 
economic and public health implications for this research. Though the environmental 
conditions examined cover a range of conditions on earth, that range is by no means 
exhaustive. Nonetheless, the experimental approach employed in this study offers 
essential insight into how the natural environment moderates the equilibration between 
oxygen and reduced carbon.  
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Figure 4.9: Concentration of 2-hydroxyterephthalic acid produced individually by 
bromide and NOM summed together compared to the concentration produced by the 
bromide and NOM together with an initial Fe(II) concentration of a) 25 µM b) 75 µM 
and c) 150 µM 
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4.6 SUPPLEMENTAL DATA 
 
Figure 4.10: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid N=1 for each trial. 
 
 
Figure 4.11: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.12: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.13: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.14: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.15: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.16: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.17: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.18: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.19: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.20: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.21: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.22: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.23: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.24: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.25: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.26: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.27: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 
50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.28: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.29: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
췠;
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Figure 4.30: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.31: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.32: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.33: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
츰;
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Figure 4.34: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.35: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.36: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.37: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
캀;
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Figure 4.38: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.39: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid . N=1 for each trial. 
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Figure 4.40: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.41: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
컐;
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Figure 4.42: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
 
Figure 4.43: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.44: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
 
Figure 4.45: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
켠;
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Figure 4.46: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
 
Figure 4.47: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
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Figure 4.48: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
 
Figure 4.49: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
콰;
 
193 
 
Figure 4.50: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
 
Figure 4.51: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
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Figure 4.52: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
 
Figure 4.53: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
쿀;
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Figure 4.54: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
Figure 4.55: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial.  
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Figure 4.56: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
 
Figure 4.57: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
퀐;
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Figure 4.58: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. . N=1 for each trial. 
 
 
Figure 4.59: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.60: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.61: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
큠;
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Figure 4.62: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.63: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 12.8 mg C/L SRNOM, 50 
µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.64: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.65: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
킰;
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Figure 4.66: Fe(II) oxidation in O2 saturated solutions at pH 3. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.67: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.68: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.69: Fe(II) oxidation in O2 saturated solutions at pH 4. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
턀;
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Figure 4.70: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.71: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.72: Fe(II) oxidation in O2 saturated solutions at pH 5. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.73: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
텐;
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Figure 4.74: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.75: Fe(II) oxidation in O2 saturated solutions at pH 6. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.76: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.77: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
토;
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Figure 4.78: Fe(II) oxidation in O2 saturated solutions at pH 7. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.79: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 25 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.80: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 75 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.81: Fe(II) oxidation in O2 saturated solutions at pH 8. Conditions: 150 µM Fe 
(II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total HCO3
-, 0 mg C/L SRNOM, 50 µM 
2-Hydroxyterephthalic acid. N=1 for each trial. 
 
퇰;
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Figure 4.82: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.83: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.84: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.85: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
퉀;
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Figure 4.86: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.87: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.88: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.89: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
튐;
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Figure 4.90: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.91: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.92: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.93: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
틠;
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Figure 4.94: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.95: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.96: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.97: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
퍀;
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Figure 4.98: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.99: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.100: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.101: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
펀;
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Figure 4.102: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.103: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.104: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.105: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.106: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.107: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.108: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.109: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
퐠;
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Figure 4.110: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.111: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.112: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.113: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
푰;
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Figure 4.114: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
Figure 4.115: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 25 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.116: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 75 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.117: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 150 µM Fe (II), 621 mM Cl-, 209 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
퓀;
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Figure 4.118: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.119: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.120: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.121: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
픐;
 
229 
 
Figure 4.122: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.123: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.124: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.125: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.126: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.127: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.128: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.129: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.130: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.131: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.132: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.133: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.134: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.135: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 12.8 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.136: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.137: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.138: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 3. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.139: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.140: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.141: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 4. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.142: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.143: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.144: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 5. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.145: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.146: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.147: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 6. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.148: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.149: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
흀;
 
243 
 
Figure 4.150: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 7. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.151: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 25 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
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Figure 4.152: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 75 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial. 
 
 
Figure 4.153: 2-hydroxyterepthalic acid produced concurrently with Fe(II) oxidation at 
pH 8. Conditions: 150 µM Fe (II), 621 mM Cl-, 0 µM Br-, 0.48 µM I-, 0.87mM total 
HCO3
-, 0 mg C/L SRNOM, 50 µM 2-Hydroxyterephthalic acid. N=1 for each trial.  
 
 
힐;
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